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ABSTRACT 
 
The bioavailability and fate of Zinc (Zn) in soils is influenced by reactions occurring at 
the water-mineral interface. Understanding Zn interaction with mineral surfaces is essential to 
the understanding of Zn fate and toxicity. In this study, adsorption experiments investigated the 
impact of ligands and pH on the adsorption of Zn to mineral surfaces. X-Ray Absorption Fine 
Structure Spectroscopy (XAFS) was used to elucidate the adsorption mechanisms of Zn to 
mineral surfaces as impacted by ligands. 
Impact of ligands on Zn adsorption was dependent on mineral type and pH of the system. 
XAFS analysis showed that adsorption mechanisms of Zn were impacted by pH and ligand 
presence. In the ferrihydrite system, Zn adsorption was enhanced in presence of citrate and 
phosphate (PO4), reduced in presence desferrioxamine (DFO-B), and reduced in presence of 
humic acid (HA) at pH>6.0. XAFS analysis showed that Zn formed strong linkages with high 
affinity edge sites of ferrihydrite in the control and in presence of enhancing ligands (citrate and 
PO4), whereas formed weaker, low affinity linkages in presence of supressing ligands (DFO-B 
and HA). From an environmental perspective, Zn was more likely to be desorbed from the 
ferrihydrite surface in the presence HA and DFO-B.  
In the kaolinite system, Zn adsorption was reduced in presence of citrate and DFO-B, and 
increased in presence of HA. Zn formed inner sphere complexes at pH 5.5 in the control and in 
presence of ligands. At pH 7.5, a Zn-Al layered double hydroxide was formed in the control, that 
was absent in presence of any ligand, suggesting that ligands suppress the formation of Zn-Al 
LDH in kaolinite. In the mixed ferrihydrite-gibbsite system, Zn adsorption was enhanced in 
presence of all ligands, excluding DFO-B. Adsorption mechanisms of Zn to ferrihydrite were 
unaffected by ligand presence. The impact of organic matter (OM) degradation on heavy metal 
xii 
 
distribution in sewage sludge was investigated. Cu, Pb and As were bond with the OM fraction 
of sludge, whereas Zn was bond to Fe/Mn oxide fraction. OM degradation increased mobility 
and bioavailability of Zn and Cu, whereas it had less impact on Pb and As. 
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CHAPTER 1 
INTRODUCTION 
1.1 Introduction  
Zinc (Zn) is an essential element for the growth and development of humans, plants and 
animals. It is considered one of eight essential trace elements required for crop growth and 
production and its deficiency in soils may have a profound economic impact in terms of yield 
loss (Alloway, 2004). Nevertheless, there is concern of Zn being a potential soil contaminant as a 
result of smelting operations, incinerator emissions, excessive use of fertilizer, runoff from roads 
and from Zn steeled constructions and use of contaminated sludges (Robson, 1993). The fate and 
bioavailability of Zn in soils and aquatic systems is influenced by reactions occurring at the 
water-mineral interface (Nachtegaal and Sparks, 2004). Understanding Zn interaction with 
mineral surfaces in the soil is therefore essential to the understanding of metal fate and transport, 
bioavailability and ultimately toxicity. For example, outer-sphere complexes of Zn formed in the 
soil are considered weak and readily exchangeable, whereas inner sphere complexes are strong 
and may potentially sequester Zn (Sparks, 2005). The task of elucidating the adsorption 
mechanisms of Zn requires the use of molecular scale analytical techniques such as X-Ray 
Absorption Fine Structure Spectroscopy (XAFS) (Trivedi et al., 2003; Sparks, 2005). XAFS 
spectroscopy is a powerful tool that allows the probing of Zn local coordination environment and 
the determination of Zn complexes formed with mineral surfaces (Trivedi et al., 2003). 
The most important mineral phases involved in the adsorption of heavy metals are 
phyllosilicates, metal oxides and hydroxides, and metal carbonates and phosphates (Bradl, 2004). 
A wide range of Zn sorption complexes have been identified with XAFS spectroscopy (Grafe et 
2 
 
al., 2004). Zn was found to form inner sphere complexes with ferrihydrite (Waychunas et al., 
2002; Lee and Anderson, 2005), goethite (Trivedi et al., 2001), alumina (Trainor et al., 2000), 
and gibbsite (Roberts et al., 2003). Outer sphere complexes have been reported to occur in 
montmorillonite (Schlegel et al., 2001) and ferrhydrite (Trivedi et al., 2001). In addition, 
formation of precipitate phases such as Zn-Al layered double hydroxide (LDH) has been 
reported to occur upon adsorption to low surface-area gibbsite (Roberts et al., 2003), alumina 
powders (Trainor, 2000), and kaolinite (Nachtegaal and Sparks, 2004). 
Zn and other metals in the environment are often complexed with ligands of natural or 
anthropogenic origin such as humic acid, fulvic acid, NTA or EDTA (Bradl, 2004; Davis and 
Leckie, 1978). Ligands are ubiquitous in the soil environment and impact the partitioning of 
metals at the water/mineral interface. While adsorption mechanisms of metals such as Ni, Cd, 
and Cu have been investigated in the presence of low and high molecular weight ligands 
including citrate and humic acid (Alcacio et al., 2001; Yamaguchi et al., 2002), few studies have 
documentated the impact of ligands on the mechanisms of Zn adsorption to mineral surfaces.  
The other section of this dissertation investigates the relative distribution of heavy metals 
in sewage sludge (SS) and sewage sludge amended soils as impacted by chemical oxidation of 
organic matter. One of the major concerns of continued land application of sewage sludge is 
increased trace metal concentration in soil and uptake by plants. There is controversy within the 
scientific community over the fate of heavy metals following long term application of biosolids. 
Some researchers have postulated that the long term application of biosolids would result in the 
release of heavy metals into the soil due to organic matter mineralization, also known as the 
―Time Bomb‖ hypothesis. Other researchers have indicated that the long term application of 
biosolids would present no hazard, due to the high adsorptive capacity of inorganic phases within 
3 
 
biosolids, also known as the ―Protection‖ hypothesis (McBride, 1995; Frost et al., 2000; Li et al., 
2001; McBride, 2003; Bergkvist et al., 2005; Hettiarachichi et al., 2006). In this study, we have 
focused on exploring the distribution of trace metals in different pools of bioavailability in SS 
and SS-amended soils at different stages of OM degradation using sequential fractionation. 
1.2 Objectives 
 This dissertation contains research focused on elucidating Zn adsorption mechanisms to 
various mineral surfaces in the presence of organic and inorganic ligands (citrate, humic acid, 
siderophore, and phosphate). The general objectives of this study are to (i) investigate Zn 
adsorption to single mineral systems of ferrihydrite and  kaolinite in the presence of citrate, 
humic acid, siderophore, and phosphate as a function of pH; (ii) to elucidate the mechanisms of 
Zn adsorption to ferrihydrite and kaolinite in the presence of ligands using X-Ray Absorption 
Fine Structure Spectroscopy (XAFS); (iii) investigate Zn adsorption in mixed mineral systems of 
ferrihydrite-gibbsite and goethite-kaolinite in the presence of citrate, humic acid, siderophore, 
and phosphate as a function of pH; (iv) to elucidate the mechanisms of Zn adsorption in mixed 
mineral systems; (v) to investigate the relative distribution of Cu, As, Zn and Pb in sewage 
sludge and sewage sludge amended soils as impacted by chemical oxidation.    
1.3 References 
Alcacio, T.E., D. Hesterberg, J.W. Chou, J.D. Martin, S. Beauchemin, and D.E. Sayers. 2001. 
Molecular scale characteristics of Cu(II) bonding in goethite–humate complexes. 
Geochim. Cosmochim. Ac. 65(9): 1355–1366. 
Alloway, B.J. 2004. Zinc in soils and crop nutrition. International Zinc Association 
Communications. IZA, Brussels, Belgium.  
Bergkvist, P., D. Berggren, and N. Jarvis. 2005. Cadmium solubility and sorption in a long-term 
sludge-amended arable Soil. J. Environ. Qual. 34:1530–1538. 
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Bradl, H.B., 2004. Adsorption of heavy metal ions of soils and soils constituents. J. Colloid 
Interf. Sci. 277: 1–18. 
Davis, J.A. and J.O. Leckie. 1978. Effect of adsorbed complexing ligands on trace metal uptake 
by hydrous oxides. Environ. Sci. Technol. 12(12): 1309-1315. 
Frost, H.L. and L.H. Ketchum, 2000. Trace metal concentration in durum wheat from application 
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and μ-XRF investigations of metal binding mechanisms in biosolids. J. Environ. Qual. 
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amended soils. J. Environ. Qual. 30:903–911. 
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CHAPTER 2 
LITERATURE REVIEW 
2.1 Zinc in the Environment 
Zinc (Zn) is a bluish-white metal with atomic number 30 and atomic mass of 65.38 a.m.u. 
It is the first element of group 12 (IIb) in the periodic table with an electron configuration of [Ar] 
4s
2
3d
10
.  Divalent Zn is the only natural oxidation state of this element. Since d subshells are 
complete in the Zn(II) ion, it is considered a post-transition metal. Zn concentration in the 
Earth‘s crust is 70 mg kg-1, making it the 25th most abundant element (Robson,1993). Zn has five 
stable isotopes of 64, 66, 67, 68 and 70 with different abundances of 48.63%, 27.90%, 4.10%, 
18.75%, 0.62%, respectively (Juillot et al., 2008). It has a Lewis acidity similar to that of Cu(II) 
and ionic radius of 1.31Å comparable to that of Mg(II) (Robson, 1993; Barak and Helmke, 1993; 
Eisler, 1993; Juillot et al., 2008).  
Long before it was recognized as an element in the fourteenth century A.D., Zn ores were 
used to make brass. As early as 200B.C., copper (Cu) and a Zn ore known as calamine 
[Zn4(Si2O7)] were used in brass making. Zn became the 8
th
 known element in the 14
th
 century in 
India and in the 16
th
 century Zn production had moved to China. Zn was recognized as a separate 
metal in Europe in the 16
th
 century by German mineralogist George Bauer. Zn was recognized as 
an essential nutrient for plants and animals in 1869. (Bolt and Bruggenwert, 1976; Eisler, 1993; 
Porter, 1991). 
Commercial ores of Zn include the sulfides sphalerite(ZnS) and wurtzite ((Zn,Fe)S), 
smithsonite (ZnCO3), hemimorphite (Zn4(Si2O7)), zincite (ZnO) and willemite (Zn2SiO4) (Eisler, 
1993). Most of the Zn produced in the world is used for the production of corrosion resistant 
coating on other metals. The Zn coating preferentially corrodes to protect the underlying metal. 
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Zn is also found in many manufactured products such as motor oils, lubricants, tires, fuel oils, 
batteries, galvanized steel products, cosmetics, and pharmaceuticals. Compounds such as Zn 
oxide and Zn sulfate are used in coating photocopy paper and in fungicides, respectively (Jones 
and Burgess, 1984; Eisler, 1993; Mulligan, 2001).  
Natural levels of Zn in the soil range from 10-300 mg kg
-1 
with an average of 50 mg kg
-1
 
(Bolt and Bruggenwert, 1976; Mulligan et al., 2001). It is estimated that 30% of the world‘s 
cultivated soils are deficient in Zn (Suzuki et al., 2006). Nevertheless, anthropogenic sources of 
Zn contamination in the soil include: mining and smelting of ores, electroplating, fertilizer 
application, combustion of fossil fuels, road runoff, and municipal waste (Eisler, 1993; Lasat, 
2000). Zn is considered one of the most hazardous heavy metals included in the EPA‘s list of 
priority pollutants in addition to Cd, Cu, Hg, Pb, and Ni (Lasat, 2000; Mulligan, 2001).  
Soils have the ability to retain Zn and control its plant availability in the soil. Solubility 
of Zn in soils is affected by pH, amount of metal, cation exchange capacity (CEC), organic 
matter content, and soil mineralogy (Martínez and Motto, 2000). The inorganic interfaces 
involved in heavy metal adsorption are clays, metals oxides-hydroxides, metal carbonates, and 
metal phosphates (Bradl, 2004). Adsorption of Zn and other heavy metals to these surfaces and 
to organic matter regulates their concentration in the soil solution. In the following sections, the 
adsorption of Zn to mineral surfaces and the factors impacting adsorption are discussed. 
2.2 Organic Ligands in the Soil Environment 
2.2.1 Low Molecular Weight Organic Ligands 
Low molecular weight organic acids (LMWOA) are carbon compounds characterized by 
the possession of one or more carboxyl groups with a maximum molecular weight of 300 daltons 
(Jones, 1998; Strobel, 2001). They are formed in the soil from organic matter degradation, 
8 
 
microbial metabolites, and from plant root or fungi exudation (Strobel, 2001; Qin et al., 2004; 
van Hees et al., 2000). The most common organic acids in the soil include oxalate, acetate, 
citrate, and formate (van Hees et al., 2005). Low molecular weight organic acids (LMWOA) are 
common in the soil, where their concentration in the rhizosphere can be higher than a millimolar 
(Huang et al., 2003). In the soil solution, the concentration of organic acids may be in the 
micromolar range, usually <50μM (van Hees et al., 2005). Organic acids may be classified as 
aromatic or aliphatic carboxylic acids (Strobel, 2001; van Hees et al., 2005). Aliphatic acids may 
be mono-, di-, or tricarboxylic acids such as formate, oxalate and citrate, respectively (Ryan et 
al., 2001). Aromatic acids may be mono- or di- carboxylic acids such as salicyclic and phthalic, 
respectively (Martinez et al., 1998). Phenolic and aromatic carboxylic acids that have been found 
in soils include: gallic, vanillic, benzoic, p-hydroxybenzoic, p-coumaric, and protocatechuic acid 
(van Hees et al., 2000). 
LMWOA serve several beneficial functions in the soil such as reduction in Al toxicity in 
acid soils by complexation, increase in availability of K for plant uptake by enhancing the 
weathering of K containing minerals, and posing the ability to solubilize phosphate precipitates 
(Jones, 1998; Strobel, 2001). For example, due to their acidic and chelating properties, organic 
acids increase the solubility of P in soil by increasing the solubility of P-containing compounds 
and by decreasing P adsorption (Bolan et al., 1994). The dissolution of phosphate rocks occurs 
according to the following reaction (Ryan et al., 2001): 
Ca10(PO4)6F2 + 12H
+
   10Ca
+2
 + 6H2PO4
-
 + F
-
 
Dissolution of phosphate compounds is enhanced by supplying protons and complexing 
Ca
+2
 ions by LMWOA (Ryan et al., 2001). Organic acids have been shown to enhance the 
weathering rate of soils by three times (van Hees et al., 2000). On the other hand, their 
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concentration in the soil is generally small (Jones et al., 2003). LMWOA are also energy sources 
for micro-organisms and important in C cycling (Martinez et al., 1998). LMWOA can form 
coordination compounds or complexes with metals. The degree of complexation is dependent on 
the nature of organic acid (number of carboxylic groups), pH of soil solution, and type of metal 
and its concentration (Jones, 1998). The number of carboxylic groups and their position 
determines the stability of ligand: metal complexes (Ryan et al., 2001). Lactate, formate and 
acetate have only one carboxyl group which results in them having little metal-complexing 
ability. Malate, oxalate, and malonate have two carboxyl groups and therefore chelate cations 
more strongly than monocarboxylates. Tricarboxylates such as citrate have high affinity for 
trivalent metals such as Fe
+3
 and Al
+3
(Jones, 1998; Ryan et al., 2001).  
2.2.2 High Molecular Weight Organic Ligands 
 Organic matter in the soil may be divided into two classes of compounds: non-humic 
material and humic substances (Jones and Bryan, 1998). Humic substances are widely distributed 
in soils, sediments and water bodies, constituting 80% of soil organic matter and 60% of surface-
water organic matter (Jones and Bryan, 1998; Alvarez-Puebla et al., 2004). They may be 
fractioned into humic acid, fulvic acid and humin based on their solubility in acids and alkalis 
(Essington, 2004; Sparks, 1995). Fulvic acids are soluble at all pH, humic acid is soluble at pH> 
2, and humin is insoluble at all pH (Jones and Bryan, 1998).  
Humic acids are high molecular weight compounds (1000-500,000 Daltons) with low 
mobility in the soil, which give them the capacity to immobilize heavy metals (Arias et al., 2002; 
Buerge-Weirich et al., 2003; Essington, 2004). The most important surface functional groups in 
humic acid are the carboxylic, carbonyl, and phenolic groups (Bradl, 2004). Carboxyls in humic 
acid have pKa in the range of 4-6 and phenols in the range from 9-11. On average, 50% of the 
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total acidity is due to carboxylic groups. They have a greater tendency to ionize at low pH and 
are therefore most likely to be involved in the adsorption reactions (Lai et al., 2002, Xia et al., 
1997).  
Fulvic acid is the water-soluble humic material with lower molecular weight (500-2000 
Daltons) than humic acid (Ogner and Schnitzer, 1970). Although fulvic acid is known to 
compose the bulk of dissolved organic carbon fraction in soil, the soil solution contains low 
molecular weight compounds such as aliphatic and aromatic organic acids (LMWOA), peptides, 
amino acids, sugars and siderophores. It is estimated that <10% of dissolved organic carbon in 
soil consists of low molecular weight compounds (van Hees et al., 2005).   
2.2.3 Siderophores 
Siderophores, meaning ―iron-bearers‖ in Greek, are low molecular weight (500-1000 
daltons) metabolites with a high affinity for Fe
+3
 and low affinity for Fe
+2
. They are produced by 
living organisms under conditions of Fe limitation for the purpose of mobilizing Fe (Bossier et 
al., 1988; Crowley et al., 1991; Neilands and Leong, 1986).  
Iron is an essential plant nutrient and is required for a variety of metabolic processes in 
almost all living organisms. Iron deficiency in most soils is not triggered by low total Fe 
concentrations where soils contain between 1 to 6% total Fe, but by low Fe availability (Powell 
et al., 1980; Kraemer, 2004). A limiting factor of Fe availability is the low solubility and slow 
dissolution kinetics of Fe-bearing minerals (Kraemer, 2004). The solubility product of ferric 
hydroxide is 10
-38
 and the concentration of soluble ferric ion at pH 7 is ~10
-17 
M (Leong, 1986). 
Siderophores have high stability constants ranging from 10
25
 to 10
35
 and in exceptional cases as 
high as 10
51
 (Kalinowski et al., 2000). Siderophores bind Fe(III) more effectively than organic 
acids such as oxalic and citric acids whose formation constants are 10
7.6
 and 10
17.3
, respectively 
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(Powell et al., 1980; Kalinowski et al., 2000). Siderophore concentration in a typical soil is ~174 
μm and may reach a few millimoles per liter (Kalinowski et al., 2000; Neubauer et al., 2000).  
Siderophores are also released during Zn deficiency (Römheld, 1991; Cakmak et al., 
1996). Sorghum and wheat plants were found to increase the release of phytosiderophores during 
Zn deficiency whereas corn did not, which may explain why Zn deficiency is more common in 
corn than in wheat or sorghum (Hopkins et al., 1998).   
Siderophores are produced by bacteria, fungi, and graminaceous plants. Nearly all 
aerobic and facultative anaerobic bacteria produce siderophores with a few exceptions (Kraemer, 
2004; Crowley et al., 1991). Microbes produce a great number and variety of siderophores, 
whereas few phytosiderophores are produced by Fe-efficient grasses.  
Nearly 200 siderophore compounds have been isolated, the majority of which are either 
hydroxamates or phenolates-catecholates (Kraemer, 2004; Hersman et al., 1995). Fungi generally 
produce siderophores with hydroxamate Fe(III)-binding groups and bacteria produce 
siderophores with catecholate Fe(III)-binding groups (Leong, 1986; Neubauer et al., 2002). 
Mugineic acid is a phytosiderophore with carboxylate, hydroxyl, and amine binding groups 
(Kraemer, 2004). The functional group in hydroxamates is hydroxamic acid, which is a carbonyl 
oxygen combined with an amino group. The catecholamides have hydroxyl oxygens on an 
aromatic ring (Kalinowski et al., 2000). 
Despite wide variation among siderophores, they all form thermodynamically stable six-
coordinate octahedral complexes with the ferric ion. The hydroxamic functional group can form 
a five membered chelate ring with Fe
+3
. Three hydroxamate groups are often found in a single 
siderophore molecule and form six-coordinate octahedral complexes with Fe(III) through two 
oxygen atoms (Raymond et al., 1984; Guerinot, 1994; Hersman et al., 1995). The formation of 
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metal complexes with siderophores is dependent on the protonation state of the hydroxamate 
functional groups and complexation is favored at high pH (Neubauer et al., 2002).     
2.3 Inorganic Ligands in the Environment 
 Inorganic anions can be classified in terms of their adsorption characteristics into three 
groups. The first group includes those that have non-specific adsorption characteristics such as 
NO3
-
, Cl
-
, and ClO4
-
. The second group includes ligands that are specifically adsorbed and are 
completely dissociated acids such as SO4
-2
 and F
-
. The third group includes anions that are 
specifically adsorbed and that are incompletely dissociated acids such as: PO4
-3
 and SiO3
-2
 (Yu et 
al., 2005).  Adsorption of inorganic anions to mineral surfaces has many significant 
environmental implications. For example, sulfate occurs in high concentrations in acid mine 
runoff as a result of geochemical recycling of pyrite (Peak et al., 1999). The adsorption of sulfate 
on variable charge minerals plays an important role in acidification of soils, as H
+
 and sulfate are 
withdrawn from solution thereby buffering pH (Karltun, 1997). Excess P is considered a serious 
non-point source pollutant that results in eutrophication of waters (Arai and Sparks, 2001). 
Adsorption of P to mineral surfaces is therefore extremely important from environmental water 
quality perspective. In addition, phosphate adsorbed to mineral surfaces has been used to reduce 
the biological availability of Pb in soils (Taylor et al., 2009).   
Sulfate adsorption to mineral surfaces may occur via inner or outer sphere complexation. 
Peak et al. (1999) reported that sulfate formed both inner and outer sphere complexes on goethite 
at pH below 6, whereas formed only outer sphere complexes above that pH. In the case of inner 
sphere complexation, the possible sorption geometries may include monodentate, bidentate, or 
bridging bidentate (Persson and Lövgren, 1996). Phosphate was found to adsorb to ferrihydrite 
forming bidentate binuclear complexes at pH > 7.5 (Arai and Sparks, 2001). Upon adsorption to 
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hematite, three different phosphate complexes were formed, the importance of which varied with 
pH and phosphate surface coverage. The complexes found were monodentate binuclear, 
monodentate mononuclear, and a non-protonated  monodentate mononuclear complex (Elzinga 
and Sparks, 2007). Kwon and Kubicki (2004) found that phosphate binds to iron oxides in 
different ways depending on pH: at pH 4-6 a diprotonated bidentate complex is formed; at pH 
7.9, a monoprotonated  monodentate complex is formed; and at pH 12.9, a deprotonated 
monodentate complex is formed.  
2.4 X-Ray Absorption Fine Structure Spectroscopy 
 Researchers use direct and indirect methods to elucidate the adsorption mechanisms of 
Zn and other heavy metals to mineral surfaces (Grafe, 2004). Indirect methods rely on 
macroscopic data including kinetics, pH envelopes, and adsorption isotherms to provide 
information pertaining to the mechanism of adsorption (Grafe, 2004). Direct methods used to 
characterize heavy metal adsorption mechanisms include Fourier Transform Infrared 
Spectroscopy (FTIR), X-Ray Photoelectron Spectroscopy (XPS), and X-Ray Absorption Fine 
Structure Spectroscopy (XAFS). With XAFS spectroscopy, samples are bombarded with 
synchrotron produced, high energy X-rays that are capable of ejecting a core electron to the 
continuum, as process known as photoionization (Webb, 2001; Parsons et al., 2002). Following 
photoionization, several processes may occur to the excited atom. First, an outer shell electron 
may fill the shell vacancy resulting in the emission of fluorescent X-ray photon which is 
characteristic of the absorbing atom (Webb, 2001). The other major process is referred to as the 
Auger effect. In this process, the vacancy created by the ejected photoelectron is filled by an 
electron from a higher shell while the atom simultaneously emits another electron (Webb, 2001). 
X-ray energies are sufficiently high to eject one or more core electrons from an atom (Penner-
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Hahn, 1999). The absorption edge refers to X-ray photon having just enough energy to free a 
bound electron in the atom. When electrons are in the most tightly bound shell (n=1), the edge is 
called K-edge (Mishra, 2006). Absorption edges are named according to the electron that is 
excited (K=1s; LI=2s; LII, LIII = 2p) (Penner-Hahn, 1999).    
 The XAFS spectrum is divided into two regions: the X-Ray Absorption Near Edge 
Structure (XANES) region and the Extended X-Ray Absorption Fine Structure (EXAFS) region. 
The separation of these two regions on the XAFS spectrum is loosely defined (Parsons et al., 
2002). In general, the XANES region covers the pre-edge region to ~50eV above the absorption 
edge and the EXAFS region extends to 1000eV above the absorption edge (Parsons et al., 2002; 
Vasconcelos, 2006). The XANES region provides information on the chemical state of the 
absorbing atom, while the EXAFS region provides structural information such as coordination 
environment and nearest neighbor atoms surrounding the absorbing atom (Parsons et al., 2002; 
Vasconcelos, 2006). Figure 2.1 shows the XAFS spectrum of ZnO divided into pre-edge, 
XANES, and EXAFS regions.   
2.4.1 Extended X-Ray Absorption Fine Structure Spectroscopy 
The excited photoelectron with a wave number k is emitted away from the absorbing 
atom to neighboring atoms and is scattered back to the absorbing atom by electrons of 
neighboring atoms. The interactions of the scattering and backscattering photoelectron waves 
creates the EXAFS oscillations (Parsons et al., 2002). Figure 2.2 shows the K-edge EXAFS 
spectrum of ZnO.  The EXAFS spectrum χ(k) is defined by the following formula: 
            µ(k) - µ0(k) 
χ(k)  =  ---------------                                    (2.1) 
               µ0(k)  
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where µ(k) is the measured absorption coefficient of the sample under study,  µ0(k) is the atomic 
absorption coefficient, and k is the photoelectron wave vector emitted in the absorption process. 
The value of k is related to the binding energy of the photoelectron, or threshold energy (E0) as: 
                                                         k = [2m(E- E0)/ħ
2
]
1/2
                                    (2.2) 
Equation 2.1 can also be expressed as: 
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where Nj is the number of atoms belonging to the jth coordination shell;  Rj is the distance to the 
neighboring atom; f(k) and δ(k) are scattering properties of neighboring atoms (scattering 
amplitude and phase shift, respectively); and ζ2 (Debye-Waller factor) is the disorder in neighbor 
distance (Ford et al., 2005). 
 
Figure 2.1 X-Ray absorption spectrum of zinc oxide (ZnO) showing the (A) X-Ray Absorption 
Near Edge Structure (XANES) region, and (B) Extended X-Ray Absorption Fine Structure 
(EXAFS) region.   
9460 9660 9860 10060 10260 10460
N
o
r
m
a
li
z
ed
 a
b
so
rp
ti
o
n
 c
o
e
ff
ic
ie
n
t
Energy (eV)
A B
16 
 
 
Figure 2.2 The EXAFS χ(k) function for ZnO. 
 
The use of macroscopic techniques is essential to the understanding of metal adsorption 
behavior as impacted by ligands. However, microscopic techniques such XAFS spectroscopy are 
valuable tools that allow us to elucidate the mechanisms of metal adsorption onto various 
mineral surfaces. EXAFS spectroscopy has been used to characterize adsorption mechanisms of 
metals to phyllosilicate and oxide mineral surfaces. Grafe et al. (2007) found that Cd was 
adsorbed to kaolinite predominantly in the form of outer sphere complexes, while Pb formed 
polymeric complexes bond via edge sharing to the Al octahedra. Similarly, Vasconcelos et al. 
(2008) confirmed outer sphere complex formation of Cd with the kaolinite surface. Nachtegaal 
and Sparks (2004) on the other hand found that Zn formed inner sphere complexes with kaolinite 
at pH 7.0 and outer sphere at pH 5.0. Few studies however have investigated the impact of 
ligands on the adsorption mechanisms of metals to mineral surfaces, particularly kaolinite. In 
oxide minerals, Collins et al. (1999) characterized the adsorption mechanisms of Cd sorbed to 
2 4 6 8 10 12
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goethite in the presence of organic and inorganic ligands. Various studies have investigated the 
impact of ligands on the formation of surface precipitates. For instance, the impact of citrate on 
Ni-layered double hydroxide (LDH) formation in gibbsite was investigated by Yamguchi et al. 
(2002). Similarly, the impact of humic acid on layered double hydroxide (LDH) formation in 
kaolinite was investigated by Nachtegaal and Sparks (2003). 
2.5 Zn Adsorption to Mineral Surfaces 
2.5.1 Definition 
Adsorption is the two-dimensional accumulation of a dissolved substance (adsorbate) at 
the solid (adsorbent) and water interface. Surface precipitation is the three-dimensional growth 
of an adsorbate on the surface of adsorbent, which begins to dominate as the concentration of 
adsorbate to adsorbent (surface loading) is increased. Absorption is the diffusion of a dissolved 
substance into the three-dimensional network of adsorbent. As it is very often difficult to identify 
the retention mechanism (adsorption, precipitation, or absorption) of a dissolved substance, the 
process is simply referred to as ―sorption‖ (Sparks, 1995; Bradl, 2004; Essington, 2004). Heavy 
metals adsorb to mineral surfaces by either losing their primary hydration shell upon adsorption 
forming inner sphere complexes or by retaining their waters of hydration forming outer sphere 
complexes. Distinguishing between the different forms of complexes is crucial to the 
understanding of metal mobility and bioavailability. Metals forming inner sphere complexes are 
immobile and therefore difficult to desorb except at high pH values. However, metals forming 
outer sphere complexes are easily desorbed because no direct chemical bonds are formed 
(Sparks, 1995; Brown et al., 1999; Trivedi et al., 2001; Essington, 2004). Inner sphere complexes 
result in the formation of chemical bonds between the metal and mineral surface functional 
groups. The complex can be either a monodentate, bidentate or tridentate depending on the 
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number of chemical bonds formed. Typically, the more bonds formed the more difficult the 
metal is desorbed (Brown et al., 1999). As with other heavy metals, the nature of complexes 
formed between Zn and mineral surfaces at the water/mineral interface impacts its 
bioavailability, toxicity, reactivity and transport in soils and waters (Roberts et al., 2003). 
2.5.2 Factors Influencing Zn Adsorption    
 Properties of the soil solution that impact the adsorption of heavy metals to mineral 
surfaces include pH, ionic strength, loading rate, counter ions, and competing ions (Harter and 
Naidu, 2001). The following sections discuss the impact of soil properties impacting Zn 
adsorption and that are of interest to this study.   
2.5.2.1 pH  
Minerals containing variable charge surfaces have surface charge that varies with pH to 
maintain constant potential (Harter and Naidu, 2001). pH is therefore a very important factor that 
impacts the adsorption of metals to variable charge surfaces. With increase in pH, enhanced 
adsorption of metals to variable charge surfaces is observed as a result of increase in the 
availability of sites for adsorption or by changing the concentration of metal species (hydrolysis) 
(Violante et al., 2003). Metal ions exhibit marked increases in adsorption (0 to 100%) at the pH 
range in which metal hydrolysis takes place. (James et al., 1975; Crawford et al., 1997; 
Srivastava et al., 2005). James and Haley (1972) indicated that adsorption is abruptly enhanced 
by hydrolysis because metal hydrolysis lowers the ionic charge and decreases the ion-solvent 
interaction, causing the ions to approach closer to the interface, hence resulting in greater 
coulombic energies. Zn adsorption to birnessite increased from 50 to 100% in the pH range from 
4 to 7 (Power et al., 2005). Similar trends were reported for Zn adsorption to gibbsite and silica 
(Roberts et al., 2003). The effect of pH on Cu and Pb adsorption is more marked than for other 
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metals such as Cd, Mn, Ni, and Zn due to their greater capacity to form inner sphere complexes 
at the edge sites. This is due to their ability to hydrolyze, where the hydrolysis constant (pKh) for 
Cu, Pb, Zn, Ni and Cd is 7.9, 7.7, 9.0, 9.9, and 10.1, respectively (Malandrino et al., 2006).  
 pH also impacts the adsorption mechanisms of Zn to various mineral surfaces. Using X-
Ray Absorption Fine Structure (XAFS) spectroscopic analysis, Zn was found to form corner 
sharing monodentate binuclear complexes with ferrihydrite at pH below 6.5. With increase in pH 
above 6.5, sorption mechanisms were dependent on sorption densities where corner sharing 
complexes were formed at low densities and Zn polynuclear complexes at high densities (Trivedi 
et al., 2004).  
pH was also found to impact the first shell coordination environment of Zn. EXAFS 
spectral analysis indicates that Zn may form tetrahedral, octahedral, or a mixture of both forms 
with first shell oxygen atoms upon adsorption to various mineral surfaces. The coordination form 
is determined by the first shell Zn-O interatomic radial distance, where values characteristic of 
tetrahedral and octahedral coordination range from 1.92 to 1.99ºA and 2.02 to 2.12ºA, 
respectively (Roberts et al., 2003, Waychunas et al., 2002). A transition from one form to the 
other might occur depending on factors such as pH and sorption density. Zn has a completely 
filled d shell and therefore it does not lose or gain energy when it changes from octahedral to 
tetrahedral coordination. Upon changing from octahedral to tetrahedral, 2 water molecules come 
off and entropy is gained (Nachtegaal and Sparks, 2004). It has been reported that with increase 
in pH to and above neutral values, Zn adsorbed onto iron oxides and other minerals exhibits a 
Zn-O first shell coordination transition from octahedral to predominantly tetrahedral (Lee and 
Anderson, 2005; Roberts et al., 2003; Bochatay and Persson, 2000). In addition, Waychunas et 
al. (2002) reported that this transition is favored as a result of increase in the oxygen bond 
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valence sum to ~2.0 as opposed to ~1.83 for octahedral coordination. Bochatay and Persson 
(2000) indicate that this transition could be a possible explanation for the extensive hydrolysis 
that Zn(II) exhibits upon adsorption to iron oxides.  
2.5.2.2 Ionic Strength 
The dependence of metal adsorption on pH and ionic strength can be used to differentiate 
between cation exchange (outer sphere adsorption) and layer edge adsorption (inner sphere 
adsorption). At high ionic strength the electrolyte ions (commonly Na
+
 ions) compete with the 
adsorptive ions for the planar sites and adsorption therefore becomes more pH dependent. At low 
ionic strength, sorption is less pH dependent and adsorption is predominantly outer sphere if pH 
is low (Strawn and Sparks, 1999; Schlegel et al., 2001). Zn was found to form inner sphere 
surface complexes on hectorite edges at high ionic strength, and both inner and outer sphere 
complexes at low ionic strength and pH 6.5 (Schlegel et al., 2001). Similar results were reported 
for Pb adsorption to montmorillonite (Strawn and Sparks, 1999) and Co adsorption to 
montmorillonite (Papelis and Hayes, 1996). In the study conducted by Schlegel et al. (2001), 
Polarized-EXAFS spectroscopic analysis showed that at low ionic strength (0.01M NaNO3), Zn 
adsorption changed from predominantly outer sphere to predominantly inner sphere with 
increase in reaction time to 120hrs and at pH 6.5. It was concluded that Zn is initially adsorbed 
on the planar sites of hectorite and then migrates to layer edges. In oxide minerals, Zn adsorption 
to ferrihydrite, goethite, and manganite was found to be independent of ionic strength, indicating 
that inner sphere complexation was the main mechanism of adsorption (Trivedi et al., 2001; 
2004; Li et al., 2004).  
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2.5.2.3 Loading Rate 
Surface loading was found to impact the adsorption mechanisms of Zn to mineral 
surfaces. In a Zn adsorption to ferrihydrite study, bidentate mononuclear complexes dominated at 
high surface loading and pH values above 5, whereas monodentate mononuclear complexes were 
dominant at lower surface loading and lower pH values (Dyer et al., 2003; Trivedi et al., 2003). 
In hematite nanopartices, Zn formed bidentate mononuclear complexes at pH 5.5 and low 
surface loading (Г=1.1 μmol/m2), whereas formed a mixed-metal hydrotalcite like coprecipitate 
at high loading (Г=3.38 μmol/m2) (Ha et al., 2009). In alumina powders, inner sphere bidentate 
complexes of Zn dominated at low densities and hydrotalcite type precipitates formed at high 
sorption densities (Trainor et al., 2000). The influence of surface loading on adsorption 
mechanisms of metals other than Zn has also been investigated. Arsenate adsorption on goethite 
was found to form different complexes depending on the surface coverage level. At low surface 
coverage monodentate surface complexes dominated, whereas bidentate mononuclear and 
bidentate binuclear complexes dominate at high surface coverage with monolayer capacity 
(O'Reilly et al., 2001). In accordance, Pb sorption studies on ferrihydrite have also shown that 
bidentate mononuclear surface complexes tend to dominate with increase in surface loading and 
in pH values above 5 (Trivedi et al., 2003).  
2.5.2.4 Effect of Organic Ligands on Heavy Metal Adsorption 
The expected adsorption trend of acid anion ligands to variable charge surfaces is 
increase in adsorption with pH decrease. Citrate adsorption to goethite strongly increased with 
pH decrease below the PZC of 9.2 (Geelhoed et al., 1998). The maximum adsorption of acid 
anions tends to occur at pH values close to their pKa values (Martinez et al., 1998).  
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In the soil solution, protons from organic acids may dissociate to form negatively charged 
ligands capable of binding heavy metals. Ligands may enhance or inhibit metal adsorption to 
mineral surfaces depending on factors such as pH, nature of ligand, surface properties of sorbent, 
and concentration of ligand and heavy metal (Violante et al., 2003; Yamaguchi et al., 2001). In 
general, ligands play an inhibitory role under conditions in which they compete with the mineral 
surface for the metal and form soluble complexes that are non adsorbable. On the other hand, 
ligands may enhance metal adsorption by forming metal-ligand-surface ternary complexes, by 
increasing the surface electrostatic potential or by formation of metal-ligand precipitates (Davis 
and Bhatnagar, 1995; Collins et al., 1999). The net impact of an organic ligand on the adsorption 
of metals is dependent on the relative strength of the surface and solution complexes formed; 
adsorption is decreased when formation of surface complexes are not able to compete with stable 
solution complexes (Schwab et al., 2005). For example, citrate was found to enhance Cd 
adsorption to Al2O3 in the pH range from 3.5-7.2 (Boily and Fein, 1996), while it reduced Ni 
adsorption to gibbsite at neutral pH (Yamaguchi et al., 2002) and reduced Cd
+2
 adsorption onto 
kaolinite in the pH range from 5.0 to 8.0 (Liao, 2006; Lackovic et al., 2004). The degree to 
which Cd
+2
 is suppressed is dependent on the citric acid: Cd
+2
 ratio; the higher the ratio the more 
adsorption is suppressed (Lackovic et al., 2004). 
Low molecular weight ligands differ in terms of their impact on heavy metal adsorption 
to mineral surfaces depending on their ability to complex metals (formation constants with 
metals). Buerge-Weirich et al. (2003) found that oxalate decreased Cu and Ni adsorption to 
goethite at pH above 6.0 more than pyromelliate as a result of the former being a stronger 
complexant. Wu et al. (2003) showed that EDTA had a higher capacity to decrease Pb adsorption 
to goethite than citric acid as a result of the former being a stronger metal chelator than the latter. 
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It was concluded that the stronger the chelator, the less Pb is adsorbed to goethite. Violante et al. 
(2003) indicated that the critical concentration of a low molecular weight organic ligand to 
prevent the adsorption of heavy metals is dependent on the chelating ability of ligand for a metal, 
pH, and sorbent surface properties. They also found that the sequence of addition of metal and 
ligand impacts metal adsorption. When tartrate was added before Pb, more Pb was adsorbed to 
mixed Fe/Al oxides than when Pb was added before or alone. They hypothesized that the added 
tartrate anion increased the surface negative charge and hence promoted Pb adsorption.   
2.5.2.5 Effect of Siderophores on Zn Adsorption 
Siderophores impact the adsorption of Zn and other heavy metals to clay mineral 
surfaces. Desferrioxamine B, a hydroxamate siderophore that occurs in soil, was found to 
enhance Zn adsorption to montmorillonite and reduce adsorption to kaolinite over the pH range 
of 4 – 10. Addtionally, desferrioxamine B showed strong affinity to montmorillonite and low 
affinity to kaolinite in the same pH range (Neubauer et al., 2000; Hepinstall et al., 2005). In 
another study, desferrioxamine B adsorption to kaolinite exhibited a cation-like behavior with 
increase in adsorption above kaolinite‘s pHPZNPC of 4.9 (Rosenberg and Maurice, 2003). With 
metals other than Zn, it was found that a variety of siderophores reduced the adsorption of Pb 
and Cd to kaolinite. Adsorption of Pb decreased above pH 6 and Cd adsorption decreased above 
pH 8 (Hepinstall et al., 2005).  
In iron oxide minerals, Desferrioxamine B reduced the adsorption of Zn to ferrihydrite 
with the effect being more pronounced as pH increased (Neubauer et al., 2002). This is maybe 
due to repulsion between the positively charged ferrihydrite surface and the positively charged 
Zn-desferrioxamine B at neutral pH (Neubauer et al., 2002). Adsorption of desferrioxamine B to 
goethite was found to be small at pH less than 7(1.5 μm/g) and slightly increased to 2.51 μm/g at 
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higher pH. This may be explained by the pKa4 of 8.3 for desferrioxamine B conversion from the 
cationic form to the neutral species (Kraemer et al., 2002).  
2.5.2.6 Effect of Humic and Fulvic Acids on Zn Adsorption 
 Adsorption of humic acid on mineral surfaces has been shown to increase with pH 
decrease, as the negatively charged humic acid adsorbs to the positively charged surface sites of 
minerals in accordance with the anion exchange mechanism between carboxyl groups of humic 
acid and the inorganic hydroxyl groups of minerals (Murphy and Zachara, 1995). First, surface 
hydroxyl groups on the mineral surfaces are protonated allowing the formation of outer sphere 
complexes between humic acid and the mineral surface. Then, a ligand exchange mechanism 
develops allowing the formation of an inner sphere complex (Petrovic et al., 1999; Liu and 
Gonzalez, 1999; Murphy and Zachara, 1995; Davis and Bhatnagar, 1995). The sorption of humic 
acid onto mineral surfaces appears to be dependent on the type of humic acid as adsorption is 
proportional to the carbon content but inversely proportional to the O/C ratio and hydrophilicity. 
As an example, marine humic substances are less aromatic in character and less hydrophobic 
than soil humic substances, which makes humic substances of marine origin less adsorbed 
(Petrovic et al., 1999). 
 As humic acid is adsorbed on the oxide surface, humic acid sites of high affinity for 
metals become available for the formation of ternary complexes (Lai et al., 2002). Carboxylic 
acid groups of humic acid are ionized at low pH, thus increasing surface charge and the amount 
of metal adsorbed (Kummert and Stumm, 1980).  
Lai et al. (2002) reported enhanced adsorption of Cd to goethite in the presence of humic 
acid over the pH range from 2-6. Arias et al. (2002) reported enhanced adsorption of Cd and Cu 
onto kaolinite in the presence of humic acid. However, studies have shown that the role of humic 
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acid on metal adsorption may deviate from the general consensus. Zuyi et al. (2000) reported that 
fulvic acid did not impact the adsorption of Zn to Al2O3 at pH < 7. They concluded that the effect 
of humic substances on metal sorption was dependent on the nature of both the oxide and humic 
substance. Lai et al. (2002) reported that humic acid may bind directly to the iron oxide and 
block the metal adsorption sites, which may decrease metal adsorption to the mineral surface. 
In natural water systems, trace metal ions were reported to have higher affinity for the 
functional groups of humic substances attached to oxide surfaces than for the oxide surface sites 
(Davis and Leckie, 1978). Similar results were reported by Vermeer et al. (1999) who showed 
that metal ions have higher affinity for a mixture of humic acid and iron oxides than for oxides 
only. 
2.6 Formation of Metal Surface Precipitates  
When released into the soil, metals such as Zn may adsorb to various soil components 
such as clay minerals, organic matter, Fe and Mn oxides, and to carbonates. During the process 
of metal sorption to clay minerals and under ambient soil conditions, metal surface precipitates 
may also form. In other words, metal sorption onto soil minerals not only results in adsorbed 
(outer- and inner-sphere complexes) phases but may also result in precipitated phases occurring 
at the surfaces of phyllosilicate minerals. 
These 'precipitate phases' or 'newly forming mineral phases' include layered double 
hydroxide (LDH), phyllosilicate type and hydroxide type precipitates (Ford et al., 1999, 
Voegelin et al., 2002; Manceau et al., 2005). Another type of layered Zn phase may form under 
acidic conditions when Zn enters the Al-hydroxy (Al-OH) interlayers of clay minerals (Voegelin 
et al., 2005; Scheinost et al., 2002). What all these phases share in common is the incorporation 
of Zn into octahedral sheets of layered minerals (Voegelin et al., 2005).  
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The LDHs are composed of positively charged octahedral hydroxide layers with the 
divalent and trivalent metals mixed in the octahedral sites and anions balancing the positive layer 
charge and occupy the interlayer region. The general structural formula of a metal-Al layered 
double hydroxide is [Me
+2
1-X
Me
+3
X
(OH)
2
]
X
+·(x/n)A
-n
·mH2O] where Me
+2 
can be Mg(II), Ni(II), 
Co(II), Zn(II), Mn(II) or Fe(II) and Me
+3 
can be Al(III), Fe(III), and Cr(III). A
-n 
is the interlayer 
anion such as Cl
-
, Br
-
, I
-
, NO
3
-
, OH
-
, ClO
4
-
, and CO
3
-2
. (Scheidegger et al., 1998; Ford and 
Sparks, 2000; Trainer et al., 2000; Scheckel and Sparks, 2001; Nachtegaal and Sparks, 2004). To 
illustrate, a Zn-Al layered double hydroxide (LDH) has the structural formula 
Zn
2
Al(OH)
6
[CO
3
]
0.5 
and is composed of sheets of edge sharing octahedra separated by anions 
between the interlayer spaces (Ford et al., 1999, Voegelin et al., 2002 and Manceau et al., 2005). 
With time, the Zn LDH gradually becomes more stable with respect to weathering leading to the 
long term sequestration of Zn. This occurs when anionic species in the interlayer space of LDH 
is replaced by silica polymers (Manceau et al., 2000; Voegelin et al., 2005). Graphical 
presentations of LDH, Zn phyllosilicate, and Zn in Al hydroxyl interlayered phyllosilicates can 
be found in Voegelin et al. (2005) and Scheinost et al. (2002). 
Studies on Zn speciation have confirmed the formation of Zn-layered double hydroxide 
(LDH) and Zn-phyllosilicate phases in contaminated soils. Voegelin et al. (2005) studied the 
transformation of Zn with time (over a 4 year period) in a field soil artificially contaminated with 
ZnO. Using the EXAFS signal from varying time periods, it was found that 2 months after 
contamination the soil spectrum changed dramatically and that only minor spectral features 
relating to ZnO were present after 4 months. After 9 months, spectral features relating to Zn-
LDH and Zn-phyllosilicate could be observed with a small splitting in the peak at 3.5Aº
-1 
as well 
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as the shape of spectrum above 7Aº
-1
. No significant changes in Zn speciation occurred from 9 to 
48 months. This study concluded the rapid dissolution of ZnO and the rapid formation of layered 
precipitates; i.e., Zn-LDH and Zn phyllosilicate. It was shown that half of the total Zn in the soil 
was sequestered into a precipitate of mostly Zn-LDH type (>75%) and a minor fraction of Zn-
phyllosilicate (<25%). 
Various metal adsorption studies have shown that there is an initial rapid adsorption 
reaction that is often followed by a slower sorption reaction. The slower sorption process can be 
attributed to different mechanisms including formation of surface precipitates, diffusion into 
micro porous solid phase, and surface diffusion from low to high affinity adsorption sites 
(Voegelin et al., 2002, Scheidegger et al., 1998).  
Lee et al. 2004 showed that Zn sorption onto montmorillonite was initially rapid where 
40% of Zn was taken up within the first 20 minutes. 80% of the Zn was taken up after 6 months 
of exposure time. Results have lead to the conclusion that adsorption to available surface sites 
takes place during the rapid uptake and that slower uptake could be due to sorption to less 
reactive sites or formation of surface precipitates. Fourier transformed EXAFS spectra showed 
that there are two distinct peaks representing the first coordination shell of the zinc atom one at 
1.7 Aº and 2.8 Aº. The presence of the second peak indicates the formation of multinuclear 
surface complexes or surface precipitates. The intensity of the second peak generally increased 
with increasing reaction time especially after 20 days. A Zn phyllosilicate like precipitate (Zn-Si 
coprecipitate) formed when samples reacted over 20 days and this formation of surface 
precipitates could account for the slow sorption reaction. Voegelin et al. (2002) also used XAFS 
and confirmed that the formation of Zn-LDH other than micropore diffusion, was the reason 
behind slow metal sorption. Scheidegger et al. (1998) however found that adsorption and Ni-Al 
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LDH formation can occur simultaneously and within minutes. This was this case for the 
Ni/pyrophyllite and Ni/Gibbsite systems but cannot be extrapolated to other systems like the 
Ni/montmorillonite system where a Ni – Al LDH formed after 40 minutes. 
The formation of LDH and phyllosilicate phases occur at neutral to alkaline pH. In acidic 
to neutral environments, it is the fast and reversible cation exchange reactions that dominate the 
sorption of metals like Zn. With increasing pH values slow sorption reactions and Zn 
incorporation into neo formed precipitates tend to become more prominent (Nachtegaal and 
Sparks, 2004; Voegelin et al., 2002).  
As mentioned in the beginning of this section that under acidic conditions Zn may form 
another type of layered phase. The formation of a Zn containing phyllosilicate, layered double 
hydroxide, or formation of inner sphere sorption complexes are unlikely under strongly acidic 
conditions. Scheinost et al. (2002) studied Zn speciation in a strongly acidic (pH 3.9) smelter 
contaminated soil. In the subsoil, it was found that almost 50% of the Zn was incorporated by 
hydroxyl-Al interlayers of phyllosilicates where Zn-Al hydroxide layers are sandwiched between 
negatively charged phyllosilicate layers. The XAFS spectra of synthesized Zn hydroxy -
interlayered montmorillonite (HIM) was used to match the subsoil spectra.  
Release of Al and Si from clay mineral weathering controls metal precipitate formation 
and transformation (Ford et al., 1999). Voegelin et al. (2005) indicated that the availability of Al 
and Si favor the formation of Zn-LDH and that their supply is controlled by the dissolution of 
primary and secondary minerals (Voegelin et al., 2005).This is in agreement with Scheidegger et 
al. (1998) who found that the dissolution of clay and Al oxide minerals releasing Al into the 
solution is the rate controlling factor for the formation of Ni-Al LDH. Metal sorption on clay 
minerals actually promotes the dissolution of Al. Ford et al. (1999) studied surface precipitate 
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formation during metal sorption to clay minerals. They found that the LDH is meta-stable and 
transforms to a phyllosilicate with time. It was hypothesized that silica derived from clay mineral 
weathering replaces the nitrate (or anionic species) in the interlayer space of the LDH 
transforming it into a phyllosilicate.  
It has been indicated that surface precipitates form at solution conditions undersaturated 
with respect to homogeneous precipitation (Nachtegaal and Sparks, 2004). For example, Zn 
LDH precipitates are formed at Zn concentrations below the solubility products of the Zn 
hydroxide (Voegelin et al., 2002). Scheidegger et al. (1998) reported that formation of 
polynuclear surface phases have been observed at pH values below that of metal hydroxide 
precipitate formation and at surface loadings below a theoretical monolayer coverage. A Ni Al 
LDH phase formed at surface loadings as low as 0.7 mmol m
-2 
corresponding to 5% of 
monolayer coverage.  
2.7 Fate of Heavy Metals in Sewage Sludge 
Application of sewage sludge is known to improve chemical and physical properties of 
soils such as pH, bulk density, porosity, and water retention. It is a source for plant nutrients with 
high organic matter content, low C/N ratio and high N and P content (Adani and Tambone, 
2005). In addition to fertility value for arable farming, application of sewage sludge to soils is an 
economically and environmentally sound alternative to landfill disposal and incineration (Stacey 
et al., 2001). Nearly half of the sewage sludge produced in the United States is used for land 
application. Nevertheless, it is a source of heavy metals most commonly Pb, Ni, Cd, Cr, Cu and 
Zn (Silveira et al., 2003).  
Due to the presence of chemically active surfaces in sewage sludge such as Fe/Mn oxides 
and organic matter, addition of sewage sludge to soil is not simply the addition of trace metals to 
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soils. Metals added to soils as constituents of biosolids are less phytoavailable than when metal 
salts alone are added to soils (Hettiarchchi et al., 2003). The phases responsible for the hindering 
of metal availability in biosolid amended soils remains disputed (Li et al., 2001). While some 
studies have postulated that it is the organic fraction of biosolids that plays this role of reduced 
metal phytoavailability, other studies have indicated that the inorganic surfaces added to 
biosolids during processing are the responsible phases (Hettiarachchi et al., 2006; Li et al., 
2001).  
This uncertainty has led to a controversy over the consequences of long term application 
of biosolids. If the organic fraction was the responsible phase for reduced metal bioavailability, 
then the long term application of biosolids would result in the release of heavy metals into the 
soil due to organic matter mineralization, also known as the 'Time Bomb Hypothesis'. If on the 
other hand, it were the inorganic fractions of biosolids (carbonates, phosphates, amorphous Fe 
and Mn oxides) that were responsible for the reduced availability of metals, then the long term 
application of biosolids would present no hazard, due to the high adsorptive capacity of these 
phases. This is known as the 'Protection' hypothesis. As a matter of fact, legislative standards for 
sludge use in the United States partly depend on this 'Protection' hypothesis. To date, the long 
term fate of metals from biosolid application is still not understood (Li et al., 2001; Bergkvist 
and Jarvis, 2004; Bergkvist et al., 2005; Hettiarachchi et al., 2006).  
Various studies have investigated trace metal availability in sewage sludge as a result of 
organic matter degradation. Stacey et al. (2001) found that sewage sludge decomposition results 
in the release of Zn and Cd to plant available pools. Hettiarachchi et al. (2006) used μ-XANES 
and μ-XRF to identify Fe and Mn oxides associated with metals before and after the removal of 
organic carbon from sewage sludge. Their study suggested that even if metals were associated 
31 
 
with the organic fraction of sewage sludge, the degradation of organic matter will not result in 
substantial increase in metal availability due to complexation with Fe and Mn oxides, thus 
negating the ‗Time Bomb‘ hypothesis. In a field study, Oliver et al. (2005) investigated Cu 
availability in soils amended with sewage sludge for 7 years. It was found that organic matter 
degradation with time did not result in significant increases in Cu availability probably due to 
retention by inorganic fractions, which also seemed to refute the TB hypothesis. Bergkvist and 
Jarvis (2004) modeled organic carbon dynamics to predict scenarios under which the fate of Cd 
would behave as predicted by either the PT or TB hypothesis. It was reported that either of the 
two scenarios were likely to occur depending on the ratio of sludge adsorption capacity to soil 
adsorption capacity, proportion of sludge adsorption capacity contributed by inorganic fraction, 
and Cd sludge loading.  
The change in heavy metal adsorption behavior of SS with time may provide indirect 
evidence to the long term fate of metals in sewage sludge. Antoniadis et al. (2007) found that 
incubating SS amended soils for around 1year resulted in reduced organic C by 31%, and 
changed the adsorption behavior of Cd and Zn. Complete removal of OC from SS was found to 
reduce Cd adsorption in SS but not in sewage sludge amended soils, indicating the importance of 
both organic C and Fe/Mn oxides in retaining Cd (Hettiarachchi et al., 2003). Metals in biosolids 
are found in various chemical forms; either in exchangeable form or bound to various inorganic 
or organic fractions. There is need to investigate the impact of OM degradation on the 
distribution of metals in sewage sludge, which may in effect provide insight as to the long-term 
fate of heavy metals in sewage sludge. 
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CHAPTER 3 
THE EFFECT OF ORGANIC AND INORGANIC LIGANDS ON ZINC ADSORPTION 
TO FERRIHYDRITE AS A FUNCTION OF pH 
 
3.1 Introduction 
Soil contamination with zinc (Zn) may result from various anthropogenic activities such 
as smelting operations, use of contaminated sludges, incinerator emissions, and from various 
industries (Voegelin et al., 2008). Although Zn is considered an essential element for the growth 
of plants, animals, and humans, its presence in elevated concentrations in the soil is detrimental 
to living organisms (Alloway, 2004). The bioavailability and toxicity of Zn in the soil depend on 
interactions with mineral surfaces, such as iron oxides (Ponthieu et al., 2006). In soils with a 
large content of iron oxides, the mobility and bioavailability of Zinc (Zn) is largely controlled by 
iron oxide minerals (Uygur and Rimmer, 2000; Tivedi et al., 2003). Iron oxides are ubiquitous in 
soils and sediments occurring as discrete particles or as coatings on the surface of other soil 
constituents (Trivedi et al., 2003; Violante et al., 2003). Iron oxide mineral surfaces have the 
ability to specifically adsorb divalent Zn even at low pH where the mineral surface is positively 
charged (Violante et al., 2003).  
Extensive research has been conducted on Zn adsorption to iron oxide mineral surfaces at 
the macroscopic level. Although pivotal to the understanding of Zn adsorption to iron oxide 
surfaces, macroscopic methods do not assess the adsorption mechanisms or structure of surface 
complexes formed. Microscopic techniques such X-Ray Absorption Fine Structure (XAFS) 
spectroscopy are valuable tools in that regard that allow the probing of the local coordination 
environment of Zn. EXAFS spectroscopy has shown that Zn adsorbs to ferrihydrite through both 
outer sphere and inner sphere surface complexation as well as formation of surface precipitates 
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(Trivedi et al., 2001; Waychunas et al., 2002; Waychunas et al., 2002; Lee and Anderson 2005; 
Ponthieu et al., 2006).  
The structure of Zn sorption complexes formed on the surface of ferrihydrite was found 
to be a function of various factors including pH, surface loading and presence of ligands. pH is a 
very important factor that impacts the adsorption of Zn and other metals to oxide mineral 
surfaces. With increase in pH, enhanced adsorption of Zn to variable charged surfaces is 
observed as a result of increase in the availability of sites for adsorption or by changing the 
concentration of metal species (hydrolysis) (Violante et al., 2003). Trivedi et al. (2004) found 
that Zn formed mononuclear bidentate inner sphere complexes with ferrihydrite at pH values 
below 6.5. Pb sorption studies on ferrihydrite have shown that bidentate mononuclear complexes 
dominated with increase in surface loading and pH values above 5. Monodentate mononuclear 
complexes were dominant at lower surface loading and lower pH values (Dyer et al., 2003 and 
Trivedi et al., 2003). 
EXAFS spectral analysis has also shown that pH may impact the first shell coordination 
sphere of Zn. Zn may form tetrahedral, octahedral, or a mixture of both forms with first shell 
oxygen atoms upon adsorption to various mineral surfaces. Zn adsorbed to ferrihydrite was 
found to form tetrahedral coordination with first shell oxygen atoms at neutral pH (Bochatay and 
Persson, 2000; Waychunas et al., 2002; Roberts et al., 2003). In addition, Roberts et al. (2003) 
found that Zn favors octahedral coordination at low pH and tetrahedral coordination at high pH 
in silica and gibbsite adsorption systems. On the other hand, Pan et al. (2004) conducted Zn 
adsorption on manganite and found an average Zn-O bond length of 2.0ºA at pH 7.5, indicating 
that Zn
+2
 adsorbs to manganite in a mixture of tetrahedral and octahedral coordination. 
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Surface loading has been found to impact the formation of Zn hydroxide-like precipitates 
upon adsorption to oxide mineral surfaces. At low surface loading, Zn adsorbs to ferrihydrite 
forming inner sphere complexes. At higher surface loading, Zn surface precipitation or Zn 
hydroxide-like polymers form in addition to inner sphere complexes (Waychunas et al., 2002; 
Trivedi et al., 2004; Lee and Anderson, 2005; Ha et al., 2009). The impact of high surface 
loading on Zn polymerization was also reported to occur in other oxide surfaces. At low sorption 
densities (0.2-1.1 μmol/m2), Zn formed inner sphere complexes with alumina and at high 
densities (1.5-3.3 μmol/m2) formed a hydrotalcite like precipitate (Trainor et al., 2000). Once Zn 
is adsorbed to an oxide mineral surface, new adsorption sites for the formation of multinuclear 
complexes may become available, leading to the formation of a Zn hydroxide-like phase 
(Bochatay and Persson, 2000). 
Although extensive research has been conducted on the adsorption mechanisms of Zn to 
iron oxide mineral surfaces as a function of pH, ionic strength and surface loading, few studies 
have elucidated the adsorption mechanisms of Zn in the presence of ligands especially with the 
use of EXAFS spectroscopy. In the presence of EDTA, Zn adsorbed to goethite by maintaining 
the ZnEDTA structure, precluding a ligand exchange mechanism (Schlegel et al., 1997). Similar 
results were reported for Cd adsorption to goethite in the presence of citrate and oxalate (Collins 
et al., 1999). In the presence of humic acid (HA), Zn adsorbed to goethite by inner sphere 
complexation (Collins et al., 1999). Additionally, the presence of HA affected the formation of 
Ni-Al layered double hydroxide (LDH) at the kaolinite surface (Nachtegaal and Sparks, 2003). 
Regarding HA itself, Zn was found to form inner sphere complexes with HA at low 
concentrations (300-5000mg/kg) and outer sphere complexes at high concentrations (500g/kg) 
(Sarret et al., 1997). Xia et al. (1997) confirmed that Zn formed inner sphere complexes with 
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HA.  The objectives of this study are: 1) to assess the impacts of citrate, HA, PO4, and 
siderophore desferrioxamine-B (DFO-B) on the adsorption of Zn to ferrihydrite at pH levels 
ranging from 4.5 to 7.5 and at reaction times of 24 hrs and 1 week, and 2) to assess the impact of 
ligands on the adsorption mechanisms of Zn at pH 7.5 using XAFS spectroscopy.  
3.2 Material and Methods 
3.2.1 Ferrihydrite Synthesis and Purification 
 Ferrihydrite used in this study was synthesized according to the procedure described by 
Schwertmann and Cornell (2000). Briefly, 40g of Fe(NO3)2 were dissolved in 500ml deionized 
water and neutralized with NaOH under N2 atmosphere. The freshly produced material was 
washed several times by centrifugation to remove any non precipitated iron, then dialyzed 
against deionized water to remove excess salt. The electrical conductivity of the water was 
continuously monitored and water was changed several times a day until salt free. The material 
was then freeze dried and used for experimentation shortly after. The mineral synthesized was 
confirmed to be ferrihydrite by XRD. The BET-surface area of the synthesized ferrihydrite was 
expected to be within 200-320m
2
/g (Schwertmann and Cornell, 2000).    
3.2.2 Purification of Humic Acid (HA) 
Humic acid (HA) used in this study was purchased from Sigma-Aldrich (H16752) and 
subject to a purification process. HA was purified by acid washing and subsequent removal of 
ash content according to the International Humic Substance Society method (Swift, 1996). 
Briefly, HA was acidified to pH 1.5, allowed to stand for 16 hrs, settled by low speed 
centrifugation and then the supernatant was decanted. HA was resuspended under N2 gas to pH 
7.0 using 1M NaOH and allowed to stand for 24 hrs. The precipitation and subsequent 
redissolution was repeated four times. To remove the ash content from HA, the precipitate was 
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suspended in 0.1M HCl/0.3M HF and shaken overnight. The process was repeated once and then 
HA was dialyzed until free of Cl
-
 as tested using AgNO3. The material was freeze dried and 
mixed well prior to use.  
3.2.3 Sorption Experiment 
Adsorption experiments were conducted in 50ml centrifuge tubes under continuous 
purging of ultra pure N2 gas. In the case of citrate and HA, experiments were conducted under 
red light to prevent the photoreduction of ferrihydrite. Zn adsorption was carried out at 4 pH 
levels (4.5, 5.5, 6.5, and 7.5) in the absence (control) and presence of citrate, HA, PO4, and DFO-
B for 24 hrs and 1 week, respectively. The solid:solution ratio was 20 g/l and the Zn:ligand 
molar ratio was 1:1 with each at 1.5 mM. HA was prepared on the basis of total carbon content 
(determined using TOC analyzer), so that total carbon content was similar to that of citrate. The 
background electrolyte concentration in the system was 0.01M NaNO3. Specifically, 0.6 g of 
freshly ground and sieved ferrihydrite were placed in centrifuge tubes followed by the addition 
of 10 ml of 0.03M NaNO3, and the mixtures were allowed to hydrate for 24 hrs. Then, 7.5 ml of 
6.0 mM of a specific ligand (citrate, PO4, or DFO-B) were added at constant mixing by fixing 
each tube on a vortex shaker using a customized grip. Following the addition of a ligand, 7.5ml 
of 6 mM of acidified Zn(NO3)2 were added under constant shaking. The pH of each mixture was 
adjusted to its respective value using 0.1M of either HNO3 or NaOH (previously purged with N2 
gas). Centrifuge tubes containing the mixtures were then sealed and placed on a shaker. The pH 
was continuously monitored (under N2 purging) and adjusted so that values exhibited minimal 
fluctuations (≤ 0.3 pH unit). The solid was separated from the solution by centrifugation and the 
solution was filtered using 0.45 μM membrane filters. The filtrates were analyzed by ICP-AES 
for Zn, P, and Fe (released from ferrihydrite by action of organic acids). In addition, dissolved 
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organic carbon in the filtrate was determined using TOC analyzer (Shimadzu). Amount of Zn 
and ligand adsorption was calculated by the difference in initial and final concentrations in 
solution. All adsorption experiments were replicated twice. The solid residue after adsorption 
was washed once with the background electrolyte solution and stored as a paste at 4ºC until use 
for XAFS spectroscopy analysis.   
3.2.4 EXAFS Data Collection and Analysis 
EXAFS data were collected on the Ge (220) double-crystal monochromator beamline at 
the Center for Advanced Microstructures and Devices in Baton Rouge, Louisiana. The electron 
beam energy was 1.3 GeV with a maximum beam current of 180 mA. Zn metal foil was used to 
calibrate the beam energy by setting the first inflection point to 9569eV. The EXAFS spectra for 
adsorption samples were collected at Zn K-edge in fluorescence mode using a Canberra 13 
element ultra low energy germanium diode array detector. Multiple scans were collected to 
improve the signal to noise ratio. The EXAFS data for reference compounds were collected in 
transmission mode. These compounds included: 1mM Zn(NO3)2 at pH 2.0, Zn citrate (Pfaltz and 
Bauer), ZnO (Mallinckrodt), Zn3(PO4)2 (Aldrich), ZnFe2O4 (Alfa Aesar), Zn(OH)2 (MP 
Biomedicals), ZnCO3 (Fluka). 
Data reduction was conducted using Athena interface to IFEFFIT software. A linear 
polynomial was fit to the pre-edge region using two points, extrapolated to the post edge region 
and subtracted. In the post-edge region, a cubic polynomial fit was used to remove the 
background. Normalization was conducted using a Victoreen polynomial. μ(E) was normalized 
to go from 0 to 1 so that it represents the absorption of 1 X-ray.  
The threshold energy (E0) determined from the maximum of the first derivative of μ(E) 
was used to convert the energy axis to photoelectron wave vector units (Å
-1
).  The resulting data 
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were weighted by k
3
 
to compensate for damping of the EXAFS spectrum at higher energies. The 
k-weighted χ(k) spectra were then Fourier transformed over the wavevector k range of 2-10Å-1 
using a Kaiser-bessel apodization window to produce radial structure functions (RSF) that isolate 
first and second shell components (Yamaguchi et al., 2003; Nachtegaal and Sparks, 2004).  
Ab initio Phase shift and amplitude functions of Zn-O and Zn-Fe scattering paths were 
extracted using franklinite, Zn-Zn path using zincite, Zn-P path using hopeite, and Zn-C path 
using smithsonite using FEFF 6.0 code. The peaks of interest were isolated and backtransformed 
in k space using a Kaiser-bessel window. Structural parameters (element identity, coordination 
number, and radial distance) were determined by a non linear least squares curve fitting approach 
using Artemis interface to IFEFFIT software. Single shell fits were conducted for the first and 
second peaks selected at R of 1.0-2.2 and 2.3-3.6Å, respectively. The value of S0
2
 was set to 0.84 
and determined by fixing the coordination number for Zn-O in aqueous Zn to 6. 
The interference of the iron matrix in our samples made it difficult to collect spectra for 
adsorption samples at pH 5.5. Researchers are often faced with challenges when dealing with Zn 
EXAFS spectra in iron oxide samples due to the strong absorption and fluorescence of the iron 
matrix, which degrades the Zn EXAFS signal. This interference makes it difficult to collect 
signals at low Zn concentrations (Waychunas et al., 2002). For the collected spectra at pH 7.5, a 
Fourier filtering of 10Å
-1
 was used. Comparing with other researchers working with Zn 
adsorption to iron oxides, it is noticeable that the noise level of our EXAFS spectra is similar to 
that of Nachtegaal and Sparks (2004), who used a Fourier filtering range of 1.7-11 Å
-1
 and a 
smoothing parameter of 4 to suppress artifacts. Similarly, Trivedi et al. (2001) used a Fourier 
filtering range of 2.3 to 9.2 Å
-1
 for Zn adsorption onto hydrous ferric oxide due to the high noise 
level at higher k.   
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3.3 Results and Discussion 
3.3.1 Macroscopic Zn Adsorption  
3.3.1.1 Citrate 
Figure 3.1 shows adsorption in the control and presence of citrate for 24 hrs and 1 week. 
Citrate enhanced Zn adsorption as evident by the shift in adsorption edges to lower pH values for 
both reaction times. The largest impact was at pH 5.5, where citrate enhanced Zn adsorption 
from 23 to 50% for the 24 hr and from 40 to 77% for 1 week reaction times. Zn adsorption 
increased with time both in the absence (control) and presence of citrate at pH values below 7.5. 
The largest difference in adsorption between the 24 hr and 1 week reaction times was at pH 5.5, 
where Zn adsorption increased from 23 to 40% in the absence of citrate and from 50 to 77% in 
the presence of citrate. The continuation of Zn adsorption with time was consistent with the trend 
of metal adsorption onto iron oxides, in which rapid initial adsorption to high affinity sites is 
followed by a slow continuous one. Trivedi et al. (2004) reported that the slow sorption could be 
due to the migration of Zn ions into the micropores of ferrihydrite via interparticle diffusion. 
Clover et al. (2002) reported that the slow sorption was likely caused by Zn precipitate formation 
or change in type of surface complex.  
The enhanced adsorption of Zn was also accompanied by citrate removal from the 
solution. Throughout the pH range studied, up to 94% of citrate was adsorbed. Schwab et al. 
(2005) reported that a portion of citrate could be biodegraded by microbial activity. However, 
this was unlikely in this study because caution was taken to ensure minimal loss of citrate by 
refrigeration and by conducting analysis in the shortest time possible. On the other hand, the 
expected trend of adsorption for low molecular weight acid anions is generally a decrease in 
adsorption with pH increase. Geelhoed et al. (1998) showed a strong citrate adsorption to 
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goethite at pH 3.0 but decreased significantly as pH increased to 9.2. In this study, it was likely 
that due to the high concentration of ferrihydrite in the system, and hence abundance of surface 
sites, there was only minor change in citrate adsorption between pH 4.5 and 7.5. The high 
affinity of citrate for ferrihydrite therefore resulted in enhanced Zn adsorption. This enhancement 
could be due to decrease in the positive electrostatic potential of the surface following citrate 
adsorption, or by formation of a ternary complex (Haas and Horowitz, 1986; Collins et al., 2003; 
Collins et al., 1999). 
 
Figure 3.1 Zn adsorption to ferrihydrite as a function of pH and adsorption time in the absence 
(control) and presence of citrate. Lines a,c: Zn adsorption for 24 hrs in absence and presence of 
citrate, respectively. Lines b, d: Zn adsorption for 1 week in absence and presence of citrate, 
respectively. Lines e, f: citrate adsorption for 24 hrs and 1 week, respectively.  
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Enhanced Zn adsorption due to strong adsorption of citrate to ferrihydrite was different from that 
of Ni adsorption to gibbsite, in which citrate showed a suppressive effect at pH 7.5 (Yamaguchi 
et al., 2001). Boily and Fein (1996) reported that the adsorption enhancement of metals by citrate 
was likely dependent on the amount of citrate that can adsorb to the surface. If the surface sites 
were saturated with adsorbed citrate, excess solution citrate could begin to compete with the 
surface for the metal, thus reducing metal adsorption (Boily and Fein, 1996). Our study 
suggested that the strong adsorption of citrate to ferrihydrite plays a major role in promoting 
further Zn adsorption.  
3.3.1.2 Humic Acid (HA) 
Figure 3.2 shows adsorption data in the absence and presence of HA for 24 hrs and 1 
week. The effect of HA on Zn adsorption was dependent on pH, where Zn adsorption was 
enhanced at pH values below ~6.0 and reduced at higher pH. For both time periods, Zn 
adsorption decreased by only ~10% at pH 7.5 and similarly increased by ~10% at pH 5.5. 
Comparing Zn adsorption between the 24 hr and 1 week reaction times indicated that more Zn 
was adsorbed after 1 week in both the absence and presence of HA (Figure 3.2; lines a and c, b 
and d).  
Figure 3.2 (lines e and f) shows that HA adsorption to ferrihydrite decreased with pH 
increase, consistent with the electrostatic interaction mechanism. As the surface of ferrihydrite 
becomes more positively charged with pH decrease, deprotonated, negatively charged HA is 
adsorbed to the positively charged surface sites (≡Fe(OH)2+). After HA is adsorbed to the oxide 
surface, HA sites of high affinity for Zn become available for the formation of ternary complexes 
(Kummert and Stumm, 1980; Lai et al., 2002). Reduced Zn adsorption at pH > 6.0 may be due to 
competition between HA and the surface of ferrihydrite for Zn, promoting the formation of HA 
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and Zn complexes that are non-adsorbable (Davis and Bhatnagar, 1995; Boily and Fein 1996). 
The impact of HA on Zn adsorption was consistent with previous research reported for other 
metals. Davis and Bhatnagar (1995) reported enhanced adsorption of Cd to hematite in the 
presence of HA in the pH range 5 to 8. Ho and Miller (1985) reported enhanced adsorption of 
uranium on hematite in the presence of HA at low pH and reduced adsorption at high pH due to a 
‗surface blocking effect‘.  
 
Figure 3.2 Zn adsorption to ferrihydrite as a function of pH and adsorption time in the absence 
(control) and presence of HA. Lines a,b: Zn adsorption for 24 hrs in absence and presence of 
HA, respectively. Lines c, d: Zn adsorption for 1 week in absence and presence of HA, 
respectively. Lines e, f: HA adsorption for 24 hrs and 1 week, respectively.  
 
This study showed that despite large adsorption of HA to the ferrihydrite surface, 
especially in the 1 week adsorption time, Zn adsorption to ferrihydrite was only slightly 
0.00
0.05
0.10
0.15
0.20
0.25
0.30
0.35
0.40
0
20
40
60
80
100
4.0 4.5 5.0 5.5 6.0 6.5 7.0 7.5 8.0
Γ
Z
n
(μ
m
o
l/
m
2
)
%
 A
d
so
rp
ti
o
n
pH
a
b
c
d
e
f
52 
 
enhanced. Additionally, the presence of substantial quantities of soluble HA at pH 7.5 only 
slightly reduced the amounts of Zn adsorbed.  
3.3.1.3 Phosphate (PO4) 
Figure 3.3 shows adsorption in the absence and presence of the inorganic PO4 ligand. Zn 
adsorption was enhanced by the presence of PO4 as evident by the shift in adsorption edges to 
lower pH values at 24 hrs and 1week. As in the case of HA, the impact of PO4 on Zn adsorption 
was not drastic. The maximum increase was at pH 5.5, where Zn adsorption increased by only 
~12% at 24 hrs and 1 week. As adsorption time increased, the amount of Zn adsorbed increased 
in both the absence and presence of PO4 at pH below 7.5 (Figure 3.3, lines b and d). Wang and 
Xing (2004) found that Cd adsorption to goethite was also enhanced by PO4 for time periods 
ranging from 15 minutes to 4 weeks. Diaz-Barrientos et al. (1990) indicated that the specific 
adsorption of PO4 could cause an increase in negative charge of the inner Helmholtz plane of the 
mineral surface and therefore have a positive effect on metal cation adsorption. On the other 
hand, Li et al. (2006) found that PO4 reduced Cd and Cu adsorption to hematite. They postulated 
that treating the mineral with PO4 reduced the inner sphere sorption sites for the metals and 
therefore decreased metal adsorption. 
In this study, the high affinity of PO4 for ferrihydrite was evident by complete adsorption 
at all pH levels and in both sorption times. Modeling the data using Visual Minteq (Gustafsson, 
2004) based on the diffuse layer model (DLM) confirmed the complete adsorption of PO4 at all 
pH levels (data not shown). All PO4 was in the adsorbed form of ≡FePO4
-2
 species that 
dominated the pH range studied. The high affinity of PO4 for iron oxides and the low pH 
dependency of its adsorption edge have also been reported by others (Venema et al., 1997). Our 
results suggest that despite strong adsorption of PO4, Zn adsorption enhancement was much less 
53 
 
than in the case of citrate, which also showed strong adsorption to ferrihydrite. These results 
were illustrated in Figure 1.1 and Figure1.3.        
 
Figure 3.3 Zn adsorption to ferrihydrite as a function of pH and adsorption time in the absence 
(control) and presence of PO4. Lines a,b: Zn adsorption for 24 hrs in absence and presence of 
PO4, respectively. Lines c, d: Zn adsorption for 1 week in absence and presence of PO4, 
respectively. Lines e, f: PO4 adsorption for 24 hrs and 1 week, respectively.  
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 Figure 3.4 shows adsorption in the absence and presence of DFO-B. Siderophore DFO-B 
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b and d). The magnitude of decrease in Zn adsorption ranged from 2 to 45% with pH increase up 
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positively charged ferrihydrite surface at pH<9.2 (PZC of ferrihydrite). Our results were in 
agreement with Neubauer et al. (2002) who showed that siderophore DFO-B reduced the 
adsorption of Zn to ferrihydrite, with the effect being more pronounced with pH increase up to 
7.5. With the increase in sorption time to 1week, much more Zn was adsorbed especially at pH 
7.5 suggesting a stronger kinetic effect on Zn adsorption at neutral or slightly alkaline pH (Figure 
3.4, lines b and d).  
 
Figure 3.4 Zn adsorption to ferrihydrite as a function of pH and adsorption time in the absence 
(control) and presence of DFO-B. Lines a,b: Zn adsorption for 24 hrs in absence and presence of 
DFO-B, respectively. Lines c, d: Zn adsorption for 1 week in absence and presence of DFO-B, 
respectively. Lines e, f: DFO-B adsorption for 24 hrs and 1 week, respectively.   
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However, we did detect the release of Fe ions into solution; 8 mgL
-1
 and 35 mgL
-1
 at 24 hrs and 
1 week, respectively; indicating the dissolution of ferrihydrite promoted by DFO-B. There was 
little variation in DFO-B adsorption among the different pH levels. The release of Fe with time 
from iron oxide surfaces in the presence of DFO-B was also noted by others (Hersman et al., 
1995; Neubauer et al., 2002).  
3.3.2 X – Ray Absorption Fine Structure Spectroscopy 
The normalized k
3
-weighted EXAFS spectra, the corresponding Fourier transformed 
Radial Structural Functions (uncorrected for phase shifts), and fitted inverse Fourier transforms 
for model and sorption samples are shown in Figures 3.5 and 3.6, respectively. Results of the 
EXAFS data analysis for both model and sorption samples are shown in Tables 3.1 and 3.2. Fits 
considered only single scattering from first and second coordination shells.  
The k
3
-weighted χ spectra of sorption samples and Zn mineral compounds differ from 
that of aqueous Zn (Figure 3.5b and 3.6a). As expected, the latter exhibits a drastic diminishing 
of signal with k(A
°-1
) due to its single coordination sphere (Nachtegaal and Sparks, 2004). The 
absence of diminishing amplitude in the model compounds and sorption samples reveals 
structural information and indicates the presence of heavy second neighbor scattering atoms 
(Figures 3.5b and 3.6a). This is also evident by the presence of a second shell in their respective 
Fourier transformed Radial Structural Functions-RSF (Figures 3.5c and 3.6b). For most of the 
samples, peaks beyond the second shell can also be observed in the RSF due to multiple 
scattering paths (Roberts et al., 2003).  
The shift in χ spectra to higher k values indicates lower first shell coordination number, 
where tetrahedral Zn compounds such as zincite and franklinite are shifted to higher k values 
compared with octahedral compounds such as aqueous Zn (Figure 3.5b) (Roberts et al., 2003).  
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Figure 3.5 Zn K-edge XANES spectra (a), k
3
-weighted χ(k)spectra (b), and their respective RSFs 
(c) for Zn compounds.  
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In comparison with aqueous Zn, sorption samples indicate mainly tetrahedral first shell 
coordination as can be seen by comparing the χ spectra (Figure 3.5b and 3.6a). In comparison 
with the other sorption samples, the PO4 sample was slightly shifted towards lower k values 
indicating a higher first shell coordination number than the other samples (Figure 3.6a). The 
position of the first peak of the RSF in the tetrahedrally coordinated samples (control and 
siderophore) is shifted to lower radial distances compared with the octahedrally coordinated 
samples such as PO4 (Figure 3.6b).   
3.3.2.1 First Shell Coordination 
EXAFS fitting results for the Zn model compounds presented in Table 3.1 show that Zn 
was in octahedral coordination with first shell oxygen atoms in aqueous Zn and in Zn citrate as 
evident by the Zn-O interatomic distance of 2.07Ǻ. Additionally, Zn was in tetrahedral 
coordination in the case of franklinite, zincite, and hopeite, evident by the Zn-O interatomic 
distance of 1.96Ǻ. Results from EXAFS spectral fitting for the sorption samples indicate that in 
the absence of ligands (control), Zn adsorbed to ferrihydrite forming tetrahedral coordination 
with first shell O atoms, as evident by the Zn-O interatomic distance of 1.94Å and coordination 
number of 4.36 (Table 3.2). Characteristic Zn-O interatomic distances for first shell tetrahedral 
coordination range from 1.92 to 1.99 Å (Roberts et al., 2003). Although Zn may form either 
tetrahedral or octahedral coordination with first shell oxygen atoms (Nachtegaal and Sparks, 
2004), the formation of Zn-O tetrahedra as opposed to octahedra in the control in this study was 
in agreement with previous research. It was shown that with increase in pH to and above neutral 
values, Zn adsorbed onto iron oxides and other minerals exhibited a Zn-O first shell coordination 
transition from octahedral to predominantly tetrahedral (Lee and Anderson, 2005; Roberts et al.,, 
2003; Bochatay and Persson, 2000).  
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Figure 3.6 k
3
-weighted χ(k) of Zn adsorbed to ferrihydrite at pH 7.5 for 24 hrs (a), their 
respective Fourier transforms (b), and inverse Fourier transforms (c). The solid lines represent 
the raw spectra and the dotted lines represent best fits.  
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In addition, Waychunas et al. (2002) reported that this transition is favored as a result of 
increase in the oxygen bond valence sum to ~2.0 as opposed to ~1.83 for octahedral 
coordination. Bochatay and Persson (2000) indicated that this transition could be a possible 
explanation for the extensive hydrolysis that Zn(II) exhibits upon adsorption to iron oxides.   
Table 3.1 Structural parameters for Zn model compounds derived from EXAFS spectral data 
analysis 
Compound Shell N R(Å) ζ2(Å2) 
 
      Aqueous Zn Zn-O 5.77 2.07 0.012 
 
     
 Zn citrate Zn-O 5.96 2.07 0.01 
 
     
 ZnO Zn-O 3.27 1.95 0.008 
 
 
Zn-Zn 12.41 3.23 0.012 
 
     
 Zn3(PO4)2 Zn-O 4.09 1.96 0.006 
 
 
Zn-P 2.32 3.11 0.003 
 
 
Zn-Zn 4.96 3.26 0.008 
 
     
 Franklinite Zn-O 4.19 1.96 0.005 
 
 
Zn-Fe 12.67 3.51 0.006 
 N = coordination number, R = radial distance (Ǻ), ζ2 = Debye-Waller factor (Ǻ-2). The 
uncertainties in N are estimated to be 30%. Variations in R are estimated to be 0.03 for all shells. 
 
First shell fitting results for Zn adsorption in presence of HA and DFO-B indicate a 
tetrahedral coordination similar to that in the control (Table 3.2). On the other hand, the Zn-O 
radial distances observed in the presence of citrate or PO4 indicate a different type of first shell 
coordination environment. The radial distance for Zn adsorption in presence of PO4 suggests an 
octahedral coordination where characteristic values range from 2.02 to 2.12 Å (Roberts et al., 
2003; Waychunas et al., 2002). For octahedrally coordinated aqueous Zn(II), our fitting results 
indicate ~6 oxygen atoms at an interatomic radial distance of 2.07Å.  
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In the case of citrate, the Zn-O radial distance of 2.0 Å was shorter than would be 
expected for an octahedral coordination. This may be suggestive of a combination of tetrahedral 
and octahedral coordination spheres. Pan et al. (2004) reported that Zn(II) adsorbs to manganite 
in a mixture of tetrahedral and octahedral coordination at an average radial distance of 2.0Å. 
Another possibility for the increase in Zn-O distance is the formation of ternary B complex 
(discussed below).  
Table 3.2 Structural parameters for Zn adsorption to ferrihydrite for 24 hrs derived from EXAFS 
spectral data analysis 
Compound Shell N R(Å) ζ2(Å2) 
     Control Zn-O 4.36 1.94 0.002 
 
Zn-Fe 2.81 3.14 0.003 
 
Zn-Fe 2.80 3.38 0.003 
     Citrate Zn-O 4.85 2.00 0.003 
 
Zn-Fe 3.79 3.23 0.006 
 
Zn-Fe 4.72 3.48 0.012 
     PO4 Zn-O 5.32 2.04 0.003 
 
Zn-Fe 3.19 3.21 0.003 
 
Zn-Fe 3.20 3.43 0.003 
     HA Zn-O 5.23 1.89 0.002 
 
Zn-C 5.54 2.78 0.003 
 
Zn-Fe 2.71 3.48 0.003 
     DFO-B Zn-O 3.90 1.93 0.006 
 
Zn-Fe 6.41 3.40 0.02 
         
N = coordination number, R = radial distance (Ǻ), ζ2 = Debye-Waller factor (Ǻ-2).The 
uncertainties in N are estimated to be 30%. Variations in R are estimated to be 0.03 for all shells. 
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3.3.2.2 Second Shell Coordination 
Figure 3.6b shows that the RSFs for the control, citrate and PO4 sorption samples 
displayed second and third shells, whereas the HA and DFO-B samples displayed a single 
second shell. The higher shells for the control were at 2.5Å and 3.14Å (uncorrected for phase 
shift). For the citrate and PO4 sorption samples, higher shells were at slightly longer radial 
distances of 2.75Å and 3.33Å (uncorrected for phase shift). The second shell for the HA and 
DFO-B samples was at 3.12Å and 3.0Å, respectively.   
 Control 
In analyzing the higher shells of Zn adsorption by an Fe containing mineral, it was 
important to recognize that Zn and Fe have similar phase shift and amplitude functions, which 
makes it difficult to identify if the second shell backscattering atom is Zn or Fe, both of those 
atoms, or one of each (O‘Day et al., 1998). Zn backscattering contribution to the higher shell 
would imply the formation of Zn polynuclear complexes (polymerization). Although the 
formation of Zn polynuclear complexes has been found to occur in systems undersaturated with 
respect to hydroxide precipitation (Bochatay and Persson, 2000; Trainor et al., 2000; Waychunas 
et al., 2002), its occurrence at the low surface coverage of this study (Γ=0.4 μmol/m2) was not 
expected. Zn polymerization on the surface of manganite and alumina was found to start at 
surface coverage of 1.1μmol/m2 at neutral pH (Bochatay and Persson, 2000; Trainor et al., 2000). 
Waychunas et al. (2002) also reported that Zn adsorption to ferrihydrite at low sorption densities 
involves inner sphere complexation whereas Zn polymerization is enhanced at higher sorption 
densities. In addition, Ha et al. (2009) also ruled out Zn polymerization in hematite at surface 
loading as high as 2.3μmol/m2 and smaller. We therefore assume that the higher shell 
backscattering atoms are Fe, not Zn.  
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The higher shell features for the control sample revealed two Zn-Fe interatomic distances 
at 3.14 and 3.38Å (Table 3.2). To identify the sorption geometries implied by these radial 
distances, a spatial geometry method described by several researchers (Spadini et al., 1994; Li et 
al., 2004; Pan et al., 2004; Breban, 2007) was used to assess the theoretical Zn-Fe distance for 
the different possible sorption geometries. The Fe-O-Zn bond angle for corner-sharing 
monodentate (vertex), corner-sharing bidentate (corner), and edge sharing bidentate (edge) 
linkages are 180°, 130°, and 90°, respectively (Figure 3.7a). Based on the fitted Zn-O radial 
distance of 1.94Å (Table 3.2) and Fe-O distance of 2.01Å for ferrihydrite (Xu et al., 2006; Julliot 
et al., 2008), the theoretical Zn-Fe distances for vertex, corner, and edge sharing linkages are 
3.97Å, 3.60Å, and 2.81Å, respectively.  
The Zn-Fe radial distance of 3.14Å would be too short for corner sharing. Therefore, we 
propose edge sharing bidentate linkage between ZnO4 and FeO6 for the sorption geometry which 
is shown in Figure 3.7b. This is in agreement with that of Ha et al. (2009) who reported that a 
Zn-Fe radial distance of 3.10-3.12 Å was consistent with ZnO4,6 polyhedra sharing edges with 
FeO6 octahedra of hematite in a bidentate, edge shared fashion. Pan et al. (2004) also reported 
that a Zn-Mn radial distance of 3.07Å was consistent with edge sharing linkage between ZnO4,6 
polyhedra and MnO6 octahedra of manganite.  
The third shell Zn-Fe radial distance obtained in the control sample was 3.38 Å. The Fe-
O-Zn bond angle (Ө) that would result from Zn-O distance of 1.94Å and Zn-Fe distance of 
3.38Å would be ~120° according to the following equation (Breban, 2007):  
Ө=cos-1[(R(Zn-Fe) 2-R(Zn-O)2-R(Fe-O)2)/(2*R(Zn-O)*R(Fe-O))] 
The monodentate mononuclear (vertex) linkage may have a Fe-O-Zn bond angle ranging 
from 180° to 120° (Trainor et al., 2000). However, the ZnO4 tetrahedra would have to tilt 60° to 
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give a Zn-Fe distance of 3.38Å. Although such sorption geometry cannot be ruled out, it is less 
likely due to steric constraints (Trainor et al., 2000). The sorption geometry for the third shell 
was more likely to be corner sharing linkage, with the ZnO4 tetrahedra sharing two apical 
oxygens of FeO6 octahedra (Figure 3.7a). According to c O‘Day et al. (2009), corner-sharing 
linkages of ZnO4 tetrahedra with FeO6 octahedera of ferrihydrite may have Zn-Fe radial 
distances ranging from 3.30-352Å.  
 
  
Figure 3.7 Schematic illustrations of possible binding structures of Zn tetrahedra complexed with 
ferrihydrite (a) corner-sharing bidentate, (b) edge-sharing bidentate. The length of the various 
bonds represent Zn adsorption in absence of ligands (control).  
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 Citrate 
 The higher shell features for the Zn sorption sample in the presence of citrate revealed 
two Zn-Fe interatomic distances at 3.23 and 3.48Å (Table 3.2), which are slightly longer than 
Zn-Fe distances of the control. The former radial distance was consistent with ZnO4 sharing 
edges (bidentate mononuclear) with FeO6 octahedra (Ponthieu et al., 2006; Juillot et al., 2008). 
The latter radial distance was consistent with ZnO4 tetrahedra forming corner sharing linkage 
with FeO6 octahedra of ferrihydrite (bidentate mononuclear) (Waychunas et al., 2000; Ponthieu 
et al., 2006; Juillot et al., 2008). 
The presence of Fe at these radial distances would eliminate the possibility of a Zn-
citrate-ferrihydrite type A ternary complex formation as O and C atoms would be expected to 
contribute to second shell backscattering within that radial distance (Yamaguchi et al., 2001). 
However, formation of a citrate-Zn-ferrihydrite ternary B complex is plausible within these 
radial distances. In a type B ternary complex, a ligand exchange reaction is expected to occur so 
that water is replaced by weaker field carboxylic ligands resulting in more water molecules 
coordinating to a metal; hence longer first shell Me-O radial distances (Alcacio et al., 2001; 
Yamaguchi et al., 2001). In this study, the longer Zn-O first shell radial distance of 2.0Å in the 
presence of citrate as compared to 1.94Å in the control may indicate the presence of ternary B 
complex. Yamaguchi et al. (2002) examined the possibility of ternary B complex formation in Ni 
adsorbed to gibbsite in the presence of citrate, and found no microscopic evidence as the Ni-O 
radial distances remained unchanged in presence of citrate. On the other hand, Alcacio et al. 
(2001) observed an increase in Cu-O radial distance samples of Cu sorbed to humate-goethite 
and concluded a type B complex formation.  
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Researchers have proposed that citrate may enhance metal adsorption through the 
formation of metal-citrate precipitate at the surface of minerals. Collins et al. (1999) showed that 
Cd
+2
 forms precipitates with oxalate and citrate on the goethite surface as evident by similarities 
in EXAFS spectral fitting of adsorbed samples with that of Zn oxalate and citrate model 
compounds. Schlegel et al. (1997) showed that ZnEDTA adsorption to goethite does not involve 
a ligand exchange mechanism but instead the structure of ZnEDTA was preserved during 
adsorption to goethite. The absence of C contribution in the second shell and spectral differences 
between the Zn citrate reference compound and that of the adsorbed samples ruled out the 
possibility of a Zn citrate precipitate formation on the surface of ferrihydrite.  
 Phosphate (PO4) 
 The higher shell features for the PO4 sample revealed two Zn-Fe interatomic distances at 
3.21 and 3.43Å (Table 3.2) similar to those of the citrate sample, indicating both edge and corner 
sharing linkages (Figure 3.8). The difference between this sample and that of the control or 
citrate samples was the first shell coordination sphere, which was octahedral in the PO4 sample.   
 The formation of a Zn-PO4 precipitate in the presence of PO4 was ruled out due to 
absence of P backscattering contribution in the higher shell. XANES spectra provide further 
evidence for absence of a Zn-PO4 precipitate. Figure 3.9 displays near edge spectra for two 
mineral systems from a previous study that were saturated with respect to hopeite. The near edge 
spectra for the two saturated samples display shoulders at 9673 and 9679eV and that of hopeite 
displays a shoulder at 9673eV (Figure 3.5a). The XANES spectrum for the PO4 sample which 
was similar to that of the control indicated the absence of shoulders after the absorption edge. As 
discussed previously, Visual MINTEQ simulation using initial Zn, PO4, and ferrihydrite 
concentrations also indicated no Zn3(PO4)2 precipitation (data not shown).      
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Figure 3.8 Schematic illustrations of possible binding structures of Zn octahedra complexed with 
ferrihydrite (a) corner-sharing bidentate, (b) edge-sharing bidentate. The length of the various 
bonds represent Zn adsorption in presence of PO4.  
 
Collins et al. (1999) reported an enhanced Cd adsorption onto goethite by PO4 and 
proposed that enhanced adsorption of Cd was due solely to electrostatic interaction, where PO4 
adsorption to goethite had reduced the overall positive charge, enhancing Cd adsorption. On the 
other hand, Li et al. (2006) reported that PO4 decreased the adsorption of Cu and Cd to hematite 
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because its occupancy of inner sphere sorption sites on the mineral surface reduced the number 
of sites available for the metals. They concluded that if Cu and Cd were adsorbed as outer sphere 
complexes, their adsorption would be enhanced by PO4 and suppressed if their form of 
adsorption was inner sphere. Our study showed that PO4 enhanced Zn adsorption at low pH and 
showed no impact at higher pH. From the EXAFS data we have available, inner sphere 
complexes were formed at pH 7.5 in the presence of PO4.  
 
Figure 3.9 XANES spectra for Zn sorption in control and in presence of PO4 with and without 
saturation.  
 Humic Acid (HA) 
The second shell for the HA sample revealed Fe atoms at Zn-Fe interatomic distance of 
3.48 Å, consistent with ZnO4 tetrahedra forming corner sharing linkages with ferrihydrite. 
Inclusion of C atoms resulted in improved goodness of fit, despite that the lightness of C atoms 
would produce a weak peak in the RSF (Collins et al., 1999). The presence of C atoms at 2.78Å 
indicated that Zn formed inner sphere complexes with HA. Previous research reported that Zn 
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adsorbed to HA formed inner sphere complexes at low HA concentration and formed outer 
sphere complexes only at very high HA concentrations (Sarret et al., 1997; Xia et al., 1997).  
Results of this study could suggest that in addition to forming inner sphere complexes with 
ferrihydrite, a small portion of Zn (<10% added Zn) may have precipitated with HA on the 
surface of ferrihydrite. Although inclusion of C atoms in the fitting results may indicate the 
formation of a ternary complex, this would be less likely to occur as ternary complexes dominate 
at low pH where substantially more HA is adsorbed (Figure 3.2).The results presented here are in 
agreement with Collins et al. (1999) who found that Cd bound to goethite in the presence of HA 
produced a second shell fit of 1.1 Fe atoms at 3.8 Å and 3 C atoms at 2.7 Å. They concluded the 
possibility of a cadmium-humate precipitate or a ternary complex formation.  
The results also showed that Zn formed corner sharing linkages with ferrihydrite in the 
presence of HA as compared to both corner sharing and edge sharing linkages in the absence of 
HA (control). 
 Siderophore (DFO-B) 
The second shell for the DFO-B sample revealed Fe atoms at Zn-Fe interatomic distance 
of 3.40Å (Table 3.2), implying a ZnO4-FeO6 corner sharing linkage as with HA. The Debye 
Waller factor for second shell was high (0.02), indicating large thermal or static disorder in this 
shell. DFO-B has been shown to cause the dissolution of ferrhiydrite (Hersman et al., 1995), 
which might have contributed to the large disorder. The Debye Waller factor is strongly 
correlated with coordination number of Zn which would explain the large Fe coordination 
number produced from the fitting results (Trainor et al., 2000).  
This study showed that despite DFO-B promoted the dissolution of ferrihydrite, and 
strongly suppressed Zn adsorption at pH 7.5, Zn remained strongly adsorbed to the mineral 
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surface by forming inner sphere complexes. This may indicate the high affinity of Zn for specific 
adsorption to the ferrihydrite surface. In addition, Zn sorption geometry in the presence of DFO-
B was different than that of the control in which both corner sharing and edge sharing linkages 
were detected. 
3.4 Summary and Conclusion 
Differences existed among the ligands in terms of their impact on Zn adsorption. While 
citrate and PO4 enhanced adsorption at pH below 7.5, DFO-B resulted in suppressed adsorption 
and the impact of HA was a function of pH. Zn adsorption generally increased as equilibrium 
time increased from 24 hrs to 1 week in the absence and presence of ligands possibly due to 
diffusion within the ferrihydrite lattice. Citrate and PO4 also showed very strong adsorption at all 
pH levels. HA adsorption followed the anion exchange mechanism in which adsorption 
decreased with pH increase. The overall impact of HA and PO4 on the adsorption of Zn was 
relatively small compared to citrate. Despite complete adsorption of PO4 at all pH levels, it only 
enhanced Zn adsorption by a maximum of 10%. On the other hand, despite ~85% of HA 
remained in solution at pH 7.5, only ~10% reduction in Zn adsorption was observed. DFO-B 
resulted in the dissolution of ferrihydrite at all pH levels as evident by the release of Fe into 
solution. A large portion of DFO-B remained in solution and its removal was not impacted by 
pH. In the presence of DFO-B, Zn adsorption was suppressed, particularly for the shorter 24 hour 
reaction time and at high pH as compared to the longer reaction time of 1 week. DFO-B had less 
of a suppressive impact on Zn adsorption with increase in reaction time to 1 week.  
EXAFS data analysis revealed that differences existed among the ligands in terms of Zn-
O first shell coordination. Zn formed tetrahedral coordination with first shell oxygens in the 
control, HA and DFO-B sorption samples. The coordination environment was different in the 
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presence of citrate and PO4, where an increase in Zn-O radial distance was evident. The radial 
distance and respective coordination number in the case of PO4 indicate an octahedral 
coordination of the first shell. The Zn-O radial distance in the case of citrate was slightly higher 
than would expected be for tetrahedral coordination. The possible increase in distance may be 
due to the formation of ternary B complex.  
EXAFS data fitting of the second shell revealed the formation of inner sphere complexes 
between Zn and the ferrihydrite surface. Two types of linkages were present in the control, 
citrate, and PO4 sorption samples whereas only one type was in the HA and DFO-B samples. 
ZnO4,6 polyhedra formed corner (bidentate binuclear) and edge (bidentate mononuclear) sharing 
linkages with FeO6 of ferrihydrite in the control, citrate, and PO4 sorption samples. In the HA 
and DFO-B samples, only corner sharing (bidentate binuclear) linkages were evident. Zn has 
been found to form more than one type of linkage with oxide mineral surfaces. Pan et al. (2004) 
found that ZnO4,6 formed both corner and edge sharing linkages with manganite (γ-MnOOH) at 
pH 7.5. Zn was also found to form both edge and corner sharing linkages with goethite as 
evident by Zn-Fe radial distances of 3.0 and 3.20Å, respectively (Schlegel et al.,1997; Juillot et 
al., 2008). Other metals such as Pb was found to form a mixture of bidentate and monodentate 
complexes with ferrihydrite at pH 4.5 (Trivedi et al., 2003). Edge sharing linkages are stronger 
and more energetically favorable than corner sharing linkages. Therefore, Zn adsorption via edge 
linkages are less likely to be desorbed from mineral surfaces than corner linkages (Pan et al., 
2004; Li et al., 2004).   
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CHAPTER 4 
MACROSCOPIC AND XAFS SPECTROSCOPIC INVESTIGATION OF ZINC 
ADSORPTION TO KAOLINITE IN THE PRESENCE OF LIGANDS AS A FUNCTION 
OF pH 
4.1 Introduction 
Zinc (Zn), an essential element for plant nutrition and microbial growth, can be 
potentially toxic in soils at elevated levels as a result of contamination from smelting activities, 
deposition of incinerator emissions, excessive use of fertilizer, runoff from roads and steeled 
constructions as well as use of contaminated sludges (Robson, 1993; Alloway, 2004). Its fate and 
bioavailability in soils and aquatic systems is influenced by sorption processes occurring at the 
water-mineral interface (Roberts et al., 2003). Understanding this process and its influencing 
factors has both environmental and agricultural significance (Sparks, 2003).  
Various factors including pH, ionic strength as well as clay mineralogy have been shown 
to affect Zn adsorption (McBride, 1989). Increasing pH generally enhances Zn adsorption by soil 
minerals. At low pH, Zn is considered to be held in an exchangeable form at basal planes of clay 
minerals, whereas at higher pH Zn could be absorbed by edge sites of clay minerals (McBride, 
1994). The pH-dependent nature of metal adsorption has been interpreted at the atomic scale by 
the formation of inner-sphere complexes (Sparks, 2003). Increasing ionic strength decreases Zn 
adsorption to the basal planes of clay minerals. However, the decreases depend on solution pH 
(Schlegel et al., 2001).  In general, the change in ionic strength has more impact on Zn 
adsorption by clay minerals or soils at low pH than at high pH (Shuman, 1986; Schlegel et al., 
2001). In addition, lability of adsorbed Zn has been shown to be influenced by different cationic 
environments (Wang and Harrell, 2005).  
The presence of various natural organic and inorganic ligands could also affect heavy 
metal adsorption by soil minerals (Farrah and Pickering, 1976; Collins et al., 2003). The most 
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common ligands are high molecular weight humic substances which are ubiquitous in terrestrial 
and aquatic environments. Strong inner-sphere complexes between heavy metals including Zn 
and carboxyls of humic acids have been reported (Xia et al., 1997). On the other hand, various 
living organisms within the soil such as plants, fungi and bacteria excrete low molecular weight 
ligands such as citrate and oxalate.  Citrate from root exudates was found to enhance the 
solubility of various metals, therefore mobility and bioavailability of these metals in soils 
(Mench et al., 1991; Yamguchi et al., 2001).  
Low molecular weight organic acids have been considered as model ligands to describe 
the metal binding characteristics of soil organic matter (Buerge-Weirich et al., 2003). However, 
previous studies suggested that these varying molecular weight ligands may exhibit different 
impacts on metal sorption in ternary systems that contain metals, mineral surfaces, and ligands 
(Zachara et al., 1994; Yamaguchi et al., 2001; Nachtegaal and Sparks, 2003). Furthermore, 
microbial produced siderophores and phytosiderophores are able to dissolve iron oxides and 
chelate Fe (III) in iron deficient soils. They also chelate various divalent heavy metals and affect 
their solubility (Neubauer, 2000; Kraemer, 2004). Besides these natural organic ligands, 
inorganic phosphates especially orthophosphate are also of considerable agricultural and 
environmental significance. Phosphate fertilizers are routinely applied in soils to increase yield. 
Such application has been shown to cause different Zn sorption characteristics in acid and 
calcareous soils (Agbenin, 1998; Wang and Harrell, 2005).  
On the other hand, these organic and inorganic ligands are known to interact with soil 
minerals differently, especially under different pH conditions (Edzwald et al., 1976; Oades, 
1988; Lackovic et al., 2003; Siebner-Freibach, 2004). These interactions would likely have 
different influences on metal sorption by different soil minerals, which have not been fully 
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investigated. Understanding the specific role of these ligands on Zn interaction with specific soil 
minerals is of utmost importance for remediation and risk assessment of metals in soils.  
Much of previous research employed macroscopic techniques based on sorption 
isotherms to characterize metal retention in different soil and clay mineral systems. However,  
recent advancement employing microscopic techniques such as extended X-ray absorption fine 
structure (EXAFS) spectroscopy has made it possible to elucidate the mechanisms of metal 
adsorption onto various mineral surfaces based on its coordination chemistry at the local atomic 
environment (Sparks, 2003). Based on EXAFS spectroscopy, it was shown that Cd adsorption to 
kaolinite was predominantly in the form of outer sphere complexes, while Pb formed polymeric 
complexes that were bond via edge sharing to the Al octahedra (Gräfe et al., 2007; Vasconcelos 
et al., 2008). On the other hand, Zn sorbed to kaolinite was found to form inner-sphere sorption 
complexes at pH 5.0 and formed a surface-precipitate phase resembling Zn-Al layered double 
hydroxide (LDH) at pH 7.0 (Nachtegaal and Sparks, 2004).  
Similar mixed metal-Al LDH formations have been found for Ni and other metals sorbed 
by clay minerals, Al oxides, and whole soils (Roberts et al., 1999; Scheinost and Sparks, 2000; 
Nachtegaal and Sparks, 2003; Voegelin and Kretzschmar, 2005). Under neutral and slightly 
alkaline conditions, metal- Al LDH such as Ni-Al LDH has been found to form within short 
reactions times (minutes to days) in different clay mineral and whole soil systems with most 
occurring in < 24 hrs, although it generally takes longer as solution pH is decreased  
(Scheidegger et al., 1998; Roberts et al., 1999). On the other hand, the formation of Zn surface 
precipitate phases was shown to be thermodynamically favored at the kaolinite surface and was 
not affected by the coating of an iron oxide over-time (Nachtegaal and Sparks, 2004). For Zn 
sorption with very high loadings or aging over time, a Zn phyllosilicate-like phase has also been 
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observed at the interface of 1:1 and 2:1 clay minerals (Ford and Sparks, 2000; Lee et al., 2004). 
Nonetheless, the formation of LDH has been considered as a precursor to Zn fixation in soils 
abundant in aluminosilicate minerals (Ford and Sparks, 2000). This mechanism of Zn 
sequestration has not been, however, extensively evaluated in the presence of different natural 
organic and inorganic ligands that are known to intimately react with soil minerals (Voegelin et 
al., 2005). Limited research on Ni sorption, however, suggested that the incorporation of Ni into 
a mixed metal Ni-Al LDH was influenced by the presence of small molecule organic acids and 
humic acids at the gibbsite and kaolinite surfaces (Yamaguchi et al., 2002; Nachtegaal and 
Sparks, 2003). 
This study was conducted to assess the impact of citrate, humic acid (HA), siderophore 
DFO-B and phosphate (PO4) on the sorption of Zn to kaolinite at pH levels ranging from 4.5 to 
7.5 and to elucidate the underlying Zn sorption mechanisms to kaolinite in the presence of these 
ligands using XAFS spectroscopy. 
4.2 Material and Methods 
4.2.1 Kaolinite Preparation and Purification 
Kaolinite used in this study was the low defect Georgia kaolinite (KGa-1b) obtained from 
the Clay Minerals Society. The <2μm fraction was obtained by the sedimentation method 
according to Stokes law. To ensure dispersion of kaolinite, it was prepared in 10
-4
M NaHCO3 
with pH adjusted to 9.0 (Freibach and Chen, 2004). A purification process followed in which 
carbonates, iron oxides, and organic matter were removed. Carbonate removal was conducted 
using the method of Jackson (1956) in which kaolinite was heated in sodium acetate (pH 5.0) at 
95ºC for 30 minutes. Kaolinite was then washed via centrifugation with 1M NaCl solution. Iron 
removal was conducted using the citrate-bicarbonate-dithionite method described by Aguilera 
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and Jackson (1953). Afterwards, kaolinite was washed 4 times via centrifugation with a solution 
of 0.025M HCl and 0.5M NaCl (Ammann, 2003). Organic matter was removed by heating  in 
3% H2O2 at 50ºC for 1 hour, then heating at 70ºC to destroy remaining H2O2 (Schlegel et al., 
1999). Kaolinite was then washed 5 times with 1M NaCl and washed again with deionized water 
to remove excess salt (Nachtegaal and Sparks, 2003; Janssen et al., 1997).  
Kaolinite was dialyzed against double deionized water until no Cl
-
 remained as tested by 
AgNO3. Dialysis bags were pretreated by boiling in a 2% NaHCO3 and 1 mM EDTA solution 
and washed with deionized water to remove contaminating minerals and polysaccharides 
(Morillo et al., 2006). The  purified kaolinite was then freeze dried, ground and sieved prior to 
use. The 5 point N2-BET surface area for kaolinite in this study was found to be 16.39 m
2
/g. The 
reported point zero charge (PZC) and CEC for KGa-1b are 6.0 and 1.83 meq/100g, respectively 
(Křepelová, 2007). 
PO4, citrate, and DFO-B ligands were prepared from sodium dihydrogen phosphate, 
trisodium citrate dihydrate, and desferrioxamine mesylate salts, respectively. HA was obtained 
from Sigma-Aldrich (H16752) and was purified by acid washing and subsequent removal of ash 
content according to the International Humic Substance Society method (Swift, 1996). Briefly, 
HA was acidified to pH 1.5, allowed to stand for 16 hours, settled by low speed centrifugation 
and then the supernatant was decanted. HA was resuspended under N2 gas to pH 7.0 using 1M 
NaOH and allowed to stand for 24 hours. The precipitation and subsequent redissolution was 
repeated four times. To remove the ash content from HA, the precipitate was suspended in 0.1M 
HCl/0.3M HF and shaken overnight. The process was repeated once and then HA was dialyzed 
until free of Cl
-
 as tested using AgNO3. The material was freeze dried and mixed well prior to 
use.  
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4.2.2 Sorption Experiment 
Adsorption experiments were conducted in 50ml centrifuge tubes under continuous 
purging of ultra pure N2 gas. The experimental setup included 4 pH levels (4.5, 5.5, 6.5, and 7.5), 
five ligand treatments (citrate, PO4, HA, DFO-B, and NaNO3-control) and replicated twice. The 
kaolinite concentration was 20 g/L and the metal:ligand ratio constituted a 1:1 molar ratio of 1.5 
mM. HA was prepared on the basis of total carbon content (determined using TOC analyzer), so 
that total carbon content was similar to that of citrate. The background electrolyte concentration 
of 0.01M NaNO3 dominated the ionic strength of the adsorption suspension.  
The purified kaolinite was first allowed to hydrate for 24 hours in NaNO3.The ligand 
solution of citrate, PO4, HA or DFO-B was then added to their respective tubes and allowed to 
react with kaolinite for 10 minutes. Zn was then added dropwise from an acidified solution under 
constant stirring of suspension. The pH was adjusted to its respective value using 0.1M of either 
HNO3 or NaOH (pre-purged with N2). The final volume was completed and the reaction time 
was 24 hours. The pH was continuously monitored (under N2 purging) and adjusted so that 
values exhibited minimal fluctuations. The solid was separated from the solution by 
centrifugation and the solution was filtered using 0.45 μM filters. Soluble concentrations of Zn, 
P, Si and Al were determined using ICP-AES (Spectro). Concentrations of dissolved organic 
carbon in the system were determined using TOC analyzer (Shimadzu). The amounts of Zn and 
ligand adsorbed were determined by the difference in initial and final concentrations in solution. 
The solid portion was stored as a paste at 4ºC until use for XAFS spectroscopy analysis.   
4.2.3 EXAFS Data Collection and Analysis 
EXAFS data were collected on the Ge (220) double-crystal monochromator beamline at 
the Center for Advanced Microstructures and Devices (CAMD) in Baton Rouge, Louisiana. The 
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electron beam energy was 1.3 GeV with a maximum beam current of 180mA. Zn metal foil was 
used to calibrate the beam energy by setting the first inflection point to 9569eV. The EXAFS 
spectra for adsorption samples were collected at Zn K-edge in fluorescence mode using a 
Canberra 13 element ultra low energy germanium diode array detector. Multiple scans were 
collected to improve the signal to noise ratio. The EXAFS data for reference compounds were 
collected in transmission mode. These compounds included: 1mM Zn(NO3)2 at pH 2.0, Zn 
citrate, ZnO, Zn-Al LDH, and Zn3(PO4)2. 
Data reduction was conducted using Athena interface to IFEFFIT software. The scans 
were aligned, merged and deglitched. Standard procedures were used to extract the EXAFS 
spectra (Ressler et al., 2000; Fay et al., 1992). The threshold energy (E0) was determined from 
the maximum of the first derivative of μ(E) and was used to convert the energy axis to 
photoelectron wave vector units (Å
-1
).  The resulting data were weighted by k
3 
to compensate for 
damping of the EXAFS spectrum at higher energies. The k-weighted χ(k) spectra were then 
Fourier transformed over the wave vector k range of 2-10Å
-1
 using a Kaiser-bessel apodization 
window to produce radial structure functions (RSF) that isolate first and second shell 
components (Yamaguchi et al., 2003; Nachtegaal and Sparks, 2004). Ab initio phase shift and 
amplitude functions of Zn-O, Zn-Al, Zn-P and Zn-Zn scattering paths were extracted using Zn-
Al LDH, hopeite (Zn3(PO4)2
.
4H2O), and zincite (ZnO) using FEFF 6.0 code. The peaks of 
interest were isolated and backtransformed in k space using a Kaiser-bessel window. Structural 
parameters (element identity, coordination number, and radial distance) were determined by a 
non linear least squares curve fitting approach using Artemis interface to IFEFFIT software. The 
two major peaks in the Fourier transforms at R of 1.0-3.2Å were isolated and backtransformed. 
Single shell fits were conducted for the first and second peaks selected, respectively. The value 
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of S0
2
 was set to 0.84 and determined by fixing the coordination number for Zn-O in aqueous Zn 
to 6 (Roberts et al., 2003; Alcacio et al., 2001; Scheinost et al., 2002). 
4.3 Results 
4.3.1 Macroscopic Zn Adsorption 
Figure 4.1a-d shows the percentage of Zn and ligand adsorbed to kaolinite as a function 
of pH. In the control (NaNO3 background), Zn adsorption increased abruptly with increasing pH 
from 6.0 to 7.5. Zn adsorption reached 95% of added Zn at pH 7.5. Increasing pH increases the 
negative charges of the kaolinite surface, which is generally expected to facilitate the adsorption 
of the positively charged Zn ion. On the other hand, the sharp rise in adsorption corresponded to 
the pH range that first hydrolysis of Zn begins to takes place (James et al., 1975; Srivastava et 
al., 2005). The formation of hydroxo complexes in this pH range has been suggested to increase 
the likelihood of specific adsorption of metals (Arias et al., 2002).  
The four ligands showed different influences on Zn adsorption to kaolinite. These ligands 
themselves also had different interactions with kaolinite. Among the three organic ligands, HA 
had the greatest enhancement on Zn adsorption by kaolinite as compared to the control (with 
purely NO3
-
 background) throughout the pH range between pH 4.5 and 7.5 (Figure 4.1). Zn 
adsorption ranged from 23% at pH 4.5 to 96% at pH 7.5. The enhanced adsorption of Zn to 
kaolinite in presence of HA is consistent with the general impact of HA on metal adsorption to 
alluminosilicate mineral surfaces (Liu and Gonzalez, 1999). Previous studies showed that HA 
increased Cu and Cd adsorption capacity of kaolinite at low pH, generally < 6.5 (Arias et al., 
2002; Hizal and Apak, 2006), whereas the presence of fulvic acid can enhance Cu and Pb 
adsorption at pH 4 to 8 (Heidmann et al., 2005). 
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Figure 4.1 Zn adsorption in the presence of citrate (a), HA (b), DFO-B (c), PO4 (d) as a function 
of pH.(    ) Zn adsorption in the control, (    ) Zn adsorption in presence of ligand, (     ) 
adsorption of ligand.  
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 In this study, almost all (96-98%) of added HA was sorbed and there was only a slight 
decrease (4 %) in sorption as pH increased from 4.5 to 7.5, suggesting very strong interaction of 
HA with kaolinite and/or Zn in the experimental system.  Adsorption of HA onto kaolinite 
surfaces has been shown to decrease as pH increases, following the anion exchange or 
electrostatic interaction mechanism (Liu and Gonzalez, 1999; Murphy and Zachara, 1995), even 
though substantial quantities of HA could be still adsorbed to kaolinite at neutral and high pH 
values (Hizal and Apak, 2006). 
Citrate, on the other hand, slightly enhanced Zn adsorption between pH 4.5 and 5.5 but 
greatly suppressed adsorption at pH >7.5 as compared with the control (Figure 4.1a). With the 
presence of citrate, overall Zn sorption was generally low, with 12-26% of added Zn in the pH 
range of 4.5-7.5. The suppressive effect of citrate on metal sorption to kaolinite has also been 
reported for Cd
+2
 in the pH range from 5.0 to 8.0 (Lackovic et al., 2004; Liao, 2006). According 
to Lackovic et al. (2004), the degree to which Cd
+2
 was suppressed was dependent on the citric 
acid: Cd
+2
 ratio; the higher the ratio the more adsorption was suppressed. The drastic suppression 
of Zn sorption at pH greater than 6 found in this study as a result of citrate presence could also 
indicate a high citrate to Zn
+2
 ratio in solution. On the other hand, the suppression clearly 
corresponded to the sharp drop in sorption of citrate from as much as 87% at pH 4.5 to 7% as pH 
increased to 7.5. The decrease in citrate sorption was likely due to the repulsive effect between 
kaolinite and citrate as both become more negatively charged at higher pH (Lackovic et al., 
2004). Citrate along with other small organic acids such as oxalate and salicylate have often been 
used to model the impact of organic matter on metal reactions in soil (Buerge-Weirich et al., 
2003). Our study clearly indicated that citrate and HA had different interaction with and/or 
influence on Zn sorption by kaolinite in the pH range of 4.5 to 7.5.  
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Siderophore DFO-B had little impact on Zn adsorption between pH 4.5 and 5.5 but, like 
citrate, also significantly suppressed Zn adsorption when suspension pH was >5.5 as compared 
to the control. With the presence of DFO-B, overall Zn adsorption was also low, ranging from 7-
35% of added Zn in the studied pH range. Our data on the impact of DFO-B on Zn sorption to 
kaolinite was in agreement with Neubauer et al. (2000) who showed that DFO-B hindered the 
adsorption of Cu, Zn and Cd to kaolinite in the pH range from 4 to 10, with observable amounts 
adsorbed at pH above 6. In addition, they reported that DFO-B adsorption was minimal at pH < 6 
and increased slightly (up to 5%) at higher pH. In this study, DFO-B sorption was about 12% at 
pH 4.5 and increased to 48% at pH7.5. Sorption of DFO-B to kaolinite followed the behavior of 
cation adsorption as pKa‘s were ≥ 8.3 for its hydroxamate and amine groups (Hernlem et al., 
1996). The cation-like DFO-B could compete with Zn and therefore suppress Zn adsorption onto 
kaolinite. The low sorption of DFO-B was likely due to generally low charge capacity of 
kaolinite as compared with other clay minerals such as montmorillonite (Seibner-Freibach et al., 
2004; Hepinstall et al., 2005).  
The presence of inorganic PO4 increased Zn adsorption throughout the pH range but 
especially at pH 5.5, where a 69% increase in Zn removal from solution had occurred in 
comparison with the control (Figure 4.1 d). PO4 adsorption also increased with pH increase with 
an adsorption maximum of 63% of added P at pH 6.5. The trend of PO4 sorption in this study 
was consistent with those previously reported for kaolinite with no Zn addition (Edzwald et al., 
1976; Bar-Yosef et al., 1988), suggesting that Zn did not influence P interaction with kaolinite 
surface.  Different phyllosilicates, including kaolinite, and oxide minerals have been pretreated 
with phosphate to enhance the adsorption of Pb and Cd (Wang and Xing, 2002; Adebowale et 
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al., 2006; Taylor et al., 2009). Our result suggested that the enhancement of Zn sorption by a 
phosphate-modified kaolinite is most effective at pH 5.5-6.5 than at pH out of this range.  
4.3.2 EXAFS Analysis of Zn Model Compounds 
Figure 4.2 shows the K-edge XANES spectra, the normalized k
3
-weighted EXAFS 
spectra, and the corresponding Fourier transformed Radial Structural Functions (RSF) 
(uncorrected for phase shifts) for Zn model compounds. Data analysis obtained from fitting the 
backtransformed χ spectra are shown in Table 4.1. The RSF for Zn+2(aq) displays a single 
coordination shell with Zn in octahedral coordination with oxygen atoms, representing an outer 
sphere complex (Figure 4.2c) (Lee et al., 2004).  
The second shell for the Zn-Al LDH model compound was best fit with Zn and Al atoms 
at radial distances of 3.06 and 3.05Å, respectively (Figure 4.2c; Table 4.1). The Zn-Al and Zn-
Zn radial distances for Zn-Al LDH range from 3.05-3.08Å as indicated by XRD (Roberts et al., 
2003). Reported Zn-Zn/Al radial distances determined by EXAFS data analysis range from 3.06-
3.1Å. Ford and Sparks (2000) reported Zn-Al and Zn-Zn radial distances of 3.06Å and 3.08Å, 
respectively. Fitting results for Zn citrate, ZnO and Zn3(PO4)2 were comparable with previous 
research (Trainor et al., 2000; Robert et al., 2003; Lee et al., 2004).    
4.3.3 EXAFS Analysis of Sorption Samples at pH 5.5 
Figure 4.3 (a-c) shows the normalized k
3
-weighted EXAFS spectra, the corresponding 
Fourier transformed Radial Structural Functions (RSF) (uncorrected for phase shifts), and 
Fourier back transformed spectra for sorption samples in the absence (control) and presence of 
different ligands at pH 5.5. Data analysis obtained from fitting the backtransformed χ spectra are 
shown in Table 4.2.  
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Figure 4.2 Zn K-edge XANES spectra for selected Zn model compounds (a), k
3
-weighted 
χ(k)spectra (b), and their respective RSFs (c).  
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Table 4.1 Structural parameters for Zn reference compounds derived from EXAFS spectral data 
analysis 
 
Compound Shell N R(Å) ζ2(Å2) 
     
Zn
+2
(aq) Zn-O 5.77 2.07 0.012 
     Zn citrate Zn-O 5.96 2.04 0.010 
 
Zn-C 4.21 2.79 0.008 
     Zn-LDH Zn-O 6.63 2.03 0.010 
 
Zn-Zn 4.63 3.06 0.012 
 
Zn-Al 2.18 3.05 0.012 
     
Zn3(PO4)2 Zn-O 4.09 1.96 0.006 
 
Zn-P 2.32 3.11 0.003 
 
Zn-Zn 4.96 3.26 0.008 
     ZnO Zn-O 3.27 1.95 0.008 
  Zn-Zn 12.41 3.23 0.012 
N = coordination number, R = radial distance (Ǻ), ζ2 = Debye-Waller factor (Ǻ-2).The 
uncertainties in N are estimated to be 30%. Variations in R are estimated to be 0.03 for all shells. 
 
EXAFS data analysis indicated that Zn formed octahedral coordination with first shell 
oxygen atoms in the control as evident by the Zn-O radial distance of 2.03Å and coordination 
number of 5.88 (Table 4.2). In the presence of PO4, Zn was found to form tetrahedral first shell 
coordination as evident by the Zn-O radial distance of 1.94Å and coordination number of 3.94. 
Characteristic Zn-O radial distances for tetrahedral and octahedral coordination range from 1.92 
to 1.99Å and from 2.02 to 2.12Å, respectively (Roberts et al., 2003). For the remainder of Zn 
sorption samples (with citrate, HA, or DFO-B), the Zn-O radial distance was 1.99Å with 
coordination numbers greater than 5. The Debye-Waller factor values of the first shell were high 
for these samples indicating highly disordered oxygen atoms (Table 4.2).  
The Zn-O radial distance of 1.99Å for the citrate, HA, and DFO-B samples suggested that 
the first shell Zn-O in these samples was on the borderline of tetrahedral coordination and may 
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hint to the formation of a mixture of Zn-O tetrahedral and octahedral coordination spheres. Pan 
et al. (2004) reported that Zn was adsorbed to manganite in a mixture of tetrahedral and 
octahedral coordination at an average radial distance of 2.0Å. The formation of a mixture of 
coordination spheres may be further supported by inspecting diagnostic spectral features. The 
XANES spectra for the sorption samples at pH 5.5 displayed in Figure 4.4(a) exhibit a large drop 
in absorption after the K-edge in all samples except in the case of PO4, supporting a lower Zn-O 
first shell coordination number for this sample. This conclusion is on the basis that the XANES 
spectra for Zn compounds with octahedral first neighbor shells are characterized by a large drop 
in absorption after the K-edge that is absent in compounds of tetrahedral first neighbor structures 
(Waychunas et al., 2003). This can be observed by comparing octahedral compounds such as 
Zn
+2
(aq) and Zn-LDH with tetrahedral ZnO and Zn3(PO4)2 in Figure 4.2(a).  
 
Table 4.2 Structural parameters for Zn sorbed on kaolinite in the presence and absence of ligands 
derived from EXAFS spectral data analysis 
Ligand pH 5.5  pH 7.5 
 Shell N R(Å) ζ2(Å2)  Shell N R(Å) ζ2(Å2) 
Control Zn-O 5.88 2.03 0.011  Zn-O 5.33 2.01 0.008 
 Zn-Al 0.74 3.06 0.003  Zn-Al 1.76 3.09 0.003 
      Zn-Zn 4.83 3.08 0.012 
 
Citrate Zn-O 5.29 1.99 0.017  Zn-O 4.6 1.91 0.012 
 Zn-Al 1.05 3.11 0.009      
 
HA Zn-O 5.60 1.99 0.014  Zn-O 5.83 2.02 0.001 
 Zn-Al 0.66 3.11 0.001  Zn-Al 2.23 3.10 0.002 
 
DFO-B Zn-O 5.29 1.99 0.008  Zn-O 3.44 1.91 0.003 
 Zn-Al 0.91 3.10 0.006  Zn-Al 0.87 3.11 0.003 
 
PO4 Zn-O 3.94 1.94 0.009  Zn-O 4.04 1.95 0.003 
 Zn-P 0.53 3.15 0.001  Zn-P 1.60 3.16 0.001 
N = coordination number, R = radial distance (Ǻ), ζ2 = Debye-Waller factor (Ǻ-2).The 
uncertainties in N are estimated to be 30%. Variations in R are estimated to be 0.03 for all shells. 
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Figure 4.3 The k
3
-weighted χ(k) spectra of Zn sorbed to kaolinite in absence (control) and 
presence of different ligands at pH 5.5 (a), their respective Fourier transforms (b), and inverse 
Fourier transforms (c). The solid lines represent the raw spectra and the dotted lines represent 
best fits.  
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The drop in absorption for the citrate, HA, and DFO-B samples are characteristic of 
octahedral first neighbor coordination.  In addition, the Zn sorption sample in the presence of 
PO4 exhibited a slight shift to higher k(A
°-1
) values in comparison with the remainder of samples 
(Figure 4.3a). Zn compounds with tetrahedral first neighbor shells have been shown to have their 
χ spectra shifted to higher k(A°-1) values as compared with octahedral compounds (Roberts et al., 
2003; Nachtegaal and Sparks, 2004). The fact that the χ spectra for citrate and DFO-B samples 
are positioned between the control and the PO4 samples, indicate that they are likely mixtures of 
octahedral and tetrahedral Zn-O coordination. 
The RSFs displayed in Figure 4.3b reveal the presence of a second coordination shell for 
all sorption samples at pH 5.5. The second shell position of the control sample was at slightly 
shorter radial distance than that of citrate, HA, or DFO-B. EXAFS data analysis of the second 
shell revealed that Zn formed inner sphere surface complexes at pH 5.5 with the kaolinite 
aluminol groups in all sorption samples excluding PO4 (Table 4.2). Fitting results indicated the 
presence of Al atoms at Zn-Al radial distance of 3.06Å for the control and at 3.1Å for the citrate, 
HA, and DFO-B samples (Table 4.2).       
Based on the Al-O bond length of 1.93Å in kaolinite (Vasconcelos et al., 2008) and on 
the EXAFS fitted Zn-O radial distances, it is possible to determine the likely linkages (corner-
sharing monodentate, corner-sharing bidentate, or edge sharing bidentate) formed in the sorption 
samples. The typical Zn-O distance is 1.95Å in ZnO4 tetrahedra and 2.10Å in ZnO6 octahedra 
(Pan et al., 2004). Using the aforementioned values, a trigonometric function was used to 
calculate the theoretical Zn-Al radial distance for the various possible linkages (Pan et al., 2004). 
For corner-sharing monodentate linkages where the Al-O-Zn bond angle is 180°, the theoretical 
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Zn-Al radial distance would be 3.88Å for tetrahedral ZnO4 structures and 4.03Å for octahedral 
structures (Spadini et al., 1994; Pan et al., 2004).  
 
 
Figure 4.4 Zn K-edge XANES spectra for Zn sorption samples in the absence (control) and 
presence of ligands at pH 5.5 (a) and pH 7.5 (b). 
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linkage with Al-O-Zn bond angle of 90°, Zn-Al distance would be 2.74Å for tetrahedral and 
2.85Å for octahedral structures (Trainor et al., 2000). The Zn-Al radial distances for the sorption 
samples shown in Table 4.2 would be too short for corner-sharing monodentate complexes due 
to steric constraints which may allow us to rule out this sorption geometry. For the control 
sample, the Zn-Al distance of 3.06Å is also shorter than what would be expected for corner-
sharing bidentate. Therefore, edge-sharing bidentate linkage with kaolinite would be most likely. 
A schematic illustration of the sorption geometry is shown in Figure 4.5. Roberts et al. (2003) 
found that ZnO6 octahedra formed edge-sharing bidentate linkages with gibbsite with Zn-Al 
distance of 3.02Å. Trainor et al. (2000) reported that Zn-Al radial distance for edge-sharing 
bidentate linkage with α-Al2O3 ranged from 2.53-3.03Å.   
 
 
Figure 4.5 Schematic illustration of possible binding structure of Zn octahedra complexed with 
kaolinite. The Zn-Al radial distance of 3.06Å represents adsorption in the absence of ligands 
(control) at pH 5.5.   
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For Zn sorption samples with citrate, HA, or DFO-B at pH 5.5, a longer Zn-Al radial 
distance of 3.10-3.11Å was found. This distance is longer than suggested for edge-sharing 
bidentate linkages. However, assuming corner-sharing bidentate linkage would mean that the Al-
O-Zn angle would have to be small (~105°) resulting in short O-O distances and strong repulsion 
(Bochatay and Persson, 2000). Therefore, it is more likely that edge-sharing bidentate linkage is 
the sorption geometry in these sorption samples (Figure 4.6). The coordination number for these 
samples are ~1 Al atoms, consistent with edge-sharing bidentate linkage. Nachtegaal and Sparks 
(2004) also reported a Zn-Al distance of 3.11Å and suggested that ZnO6 octahedra formed a 
bidentate complex, although not mentioning edge-sharing, with the aluminol edge sites of 
kaolinite. On the other hand, Bochatay and Persson (2000) interpreted a Zn-Mn radial distance of 
3.08Å to be ZnO4,6 polyhedra forming edge-sharing linkages with manganite.  
For Zn sorption sample in the presence of PO4, spectral features indicated the formation 
of a Zn-PO4 precipitate. This can be observed in its XANES spectrum where a shoulder was 
present at 9672eV (Figure 4.4a), similar to that of the Zn3(PO4)2 reference sample in Figure 4.2a. 
The Fourier transform for the sorption sample with PO4 presence revealed a peak at 2.8Å 
(uncorrected for phase shift) that was best fit with 0.53 P atoms at a radial distance of 3.15 Å 
(Figure 4.3b and Table 4.2) 
4.3.4 EXAFS Analysis of Sorption Samples at pH 7.5 
Figure 4.6 (a-c) displays the k
3
-weighted EXAFS spectra, corresponding Radial 
Structural Functions (uncorrected for phase shifts), and Fourier back transformed spectra for 
sorption samples in the absence (control) and presence of different ligands at pH 7.5. Data 
analysis obtained from fitting the backtransformed χ spectra are shown in Table 2.2. EXAFS data 
analysis of the first shell indicated that Zn formed octahedral coordination with first shell oxygen 
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atoms in the control and HA sorption samples, whereas formed tetrahedral coordination in the 
citrate, DFO-B, and PO4 samples (Table 4.2). As discussed previously, these variations in first 
neighbor coordination shell are also reflected in the XANES and χ spectra of sorption samples. 
Only the control and HA samples exhibited a large drop in absorption after the K-edge  (Figure 
4.4b) and their χ spectra were shifted to lower k(A°-1) values relative to the remainder of samples 
(Figure 4.6a), both of which are an indication of higher first neighbor coordination number.  
The presence of a second shell was evident in the RSFs for all sorption samples at pH 7.5 
except for citrate (Figure 4.6b). EXAFS data analysis of the second shell showed that Zn formed 
inner sphere complexes with the aluminol functional groups of kaolinite in the HA and DFO-B 
sorption samples as evident by Al backscattering contribution to the second shell (Table 4.2). 
The second shell for the PO4 sorption sample was due to P backscattering indicating the 
formation of a Zn-PO4 precipitate as opposed to inner sphere complexation.  
For the control sample, the second shell was best fit with 1.76Al atoms at a Zn-Al radial 
distance of 3.09Å and 4.83 Zn atoms at a Zn-Zn radial distance of 3.08Å, consistent with the 
formation of Zn-Al LDH. Formation of Zn-Al LDH was found to form in kaolinite (Nachtegaal 
and Sparks, 2004), low surface-area gibbsite (Roberts et al., 2003), pyrophyllite (Ford and 
Sparks, 2000), and montmorillonite (Lee et al., 2004) at neutral pH. The octahedral coordination 
of the first shell and the short Zn-Zn radial distance of 3.08Å rules out the possibility of Zn 
hydroxide precipitate formation. The Zn-Zn radial distance of tetrahedral Zn hydroxide phases 
such as γ-Zn(OH)2 and ε-Zn(OH)2 range from 3.30-3.36Å and from 3.40-3.46 Å, respectively 
(Lee and Anderson, 2005). The distance of tetrahedral zincite is 3.23 Å (Bochatay and Persson, 
2000; Roberts et al., 2003; Lee and Anderson, 2005). Formation of Zn carbonate precipitates 
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such as hydrozincite and Zn carbonate may also be ruled out due to exclusion of CO2 from the 
adsorption system.  
  
 
 
Figure 4.6 The k
3
-weighted χ(k) spectra of Zn sorbed to kaolinite in the absence (control) and 
presence of ligands at pH 7.5 (a), their respective Fourier transforms (b), and inverse Fourier 
transforms (c). The solid lines represent the raw spectra and the dotted lines represent best fits.  
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For the citrate sample, the lack of a second shell in the RSF (Figure 4.6b) and fitted 
structure parameters (Table 2.2) indicate that Zn formed a single tetrahedral first neighbor 
coordination shell and adsorbed to kaolinite surface through an outer sphere complexation. At 
pH 7.5, as much as 93% of citrate was in the soluble form (Figure 4.1a). Past research reported 
that metals may also form precipitates with organic ligands on oxide surfaces. Based on EXAFS 
spectral fitting, Cd
+2
 was shown to form precipitates with oxalate and citrate on the goethite 
surface (Collins et al., 1999). ZnEDTA was also shown to preserve its structure upon adsorption 
to goethite; a ligand exchange mechanism was absent (Schlegel et al., 1997). In this study, linear 
combination fitting of the citrate sample at pH 7.5 indicated that 80% of the χ spectrum was Zn 
citrate, when aqueous Zn
+2
 and Zn citrate were used as fitting standards (data not shown).  
The second shells for the HA and DFO-B samples were best fit with 2.23Al atoms at 
3.10Å and with 0.87Al atoms at 3.11 Å, respectively. As discussed previously for the sorption 
samples at pH 5.5, these radial distances suggest that ZnO4,6 polyhedra formed edge-sharing 
bidentate linkages with aluminol surface groups of kaolinite (Figure 4.5). The second shell for 
the PO4 sorption sample was best fit with 1.6 P atoms at radial distance of 3.16 Å indicating the 
formation of a Zn-PO4 precipitate as opposed to the formation of inner sphere complexes with 
kaolinite. Spectral features of the PO4 sample provide further evidence for precipitate formation. 
In the XANES spectrum shown in figure 4.4b, a shoulder is present at 9672eV similar to that of 
the Zn3(PO4)2 model compound displayed in figure 4.2a. Additionally, similarities in oscillations 
in χ spectra for the PO4 sample and that of Zn3(PO4)2 are evident. 
4.4 Discussion 
Macroscopic data indicated that Zn adsorption to kaolinite was impacted by the presence 
of ligands. The presence of citrate and DFO-B slightly increased Zn adsorption at pH ≤ 5.5 but 
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greatly decreased Zn adsorption at pH > 5.5 as compared to that in the control (NO3
-
 
background). On the other hand, HA was shown to enhance Zn adsorption in much of the pH 
range below 7.5. Despite that overall Zn was adsorbed in smaller quantities at pH 5.5 (Figure 
4.1a-d), EXAFS data analysis showed that Zn formed inner sphere complexes with the aluminol 
surface groups of kaolinite in the control, citrate, HA, and DFO-B sorption samples. Formation 
of inner sphere complexes with kaolinite at low pH is in agreement with previous research. Zn 
was found to form inner sphere complexes with kaolinite at pH 5.0 and at low surface loadings 
of 0.89 μmol/m2 (Nachtegaal and Sparks, 2004). Also, inner sphere complexation of Zn with 
gibbsite at pH 6 and surface loading of 0.31 μmol/m2 has been reported (Roberts et al., 2003). Zn 
surface loading at pH 5.5 in this study was ~0.6 μmol/m2 for the control and DFO-B, 0.8 
μmol/m2 for the citrate sample and 2.0 μmol/m2 in the case of HA (Figure 4.1a-d). Our study 
suggests that the presence of citrate, HA and DFO-B did not change the sorption mechanism as 
an inner-sphere surface complexation at pH 5.5. It did, however, show a change in the first shell 
Zn-O coordination from primarily octahedral to a likely mixture of octahedral and tetrahedral, as 
evident by shorter radial distance and lower coordination numbers (Table 4.2). 
At pH 7.5, Zn was incorporated into a LDH precipitate phase in the control sample 
whereas it remained as inner sphere complexes in the presence of HA and DFO-B. On the other 
hand in the presence of citrate, Zn was found to be absorbed through the formation of outer 
sphere complexation with kaolinite surface, which was likely due to the influence of largely 
soluble citrate.  
Zn-Al LDH formation at pH 7.5 in the control sample, changing from inner sphere 
surface complexion at pH 5.5, corresponded to a high surface loading of 4.3 μmol/m2 (Figure 4.1 
and Table 4.2). This result of changing sorption mechanism upon higher surface loading was 
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consistent with others reported in the literature. Zn was shown to form inner sphere surface 
complexation at a surface loading of 1.5 μmol/m2 at pH 5 but changed to Zn-Al LDH at surface 
loading of 2.8 μmol/m2 at pH 7 (Nachtegaal and Sparks, 2004). Zn was also found to form inner 
sphere complexes with alumina powders at low sorption densities of 0.2-1.1 μmol/m2 and a LDH 
like phase at densities ranging from 1.3-3.5 μmol/m2 (Trainor et al., 2000). Similarly, Zn formed 
LDH phase upon adsorption to low surface area gibbsite with surface loading of 3.76 μmol/m2 
(Roberts et al., 2003). Our study supports the notion that the formation of Zn-Al LDH likely 
serve as a major mechanism of Zn sequestration especially at relatively high surface loadings, 
which often coincides with neutral or slightly high alkaline pH. 
EXAFS analysis showed that the presence of the three organic ligands at pH 7.5 inhibited 
the formation of a Zn-Al LDH phase. The impact of complexing ligands on the formation of 
LDH phases has been reported for metals other than Zn. Citrate was found to prevent the 
formation of a Ni-Al LDH while maintaining inner sphere complex formation upon adsorption to 
gibbsite (Yamaguchi et al., 2002). In the presence of HA coating on the surface of kaolinite, Ni-
Al LDH was found to form in the presence of 1% HA coating and suppressed at 5% coating 
(Nachtegaal and Sparks, 2003). Clearly the results from this study indicated that the presence of 
organic ligands also likely prevents Zn from forming Zn-Al LDH at neutral pH in kaolinite 
system even under relatively high surface loadings.       
The fitting results showed that at pH 5.5, Zn formed edge-sharing bidentate linkages with 
the aluminol surface groups of kaolinite in the control, citrate, HA, and DFO-B sorption samples 
(Table 4.2). The same sorption geometry was also found at pH 7.5 for HA and DFO-B. In 
addition, the fitting results in Table 4.2 suggested that it was unlikely that a ternary A complex 
(with ligand in between mineral surface and metal) had formed in the presence of citrate, HA, or 
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DFO-B due to the short Zn-Al radial distances of 3.10-3.11Å. In order for this to happen, a much 
larger radial distance of Zn-Al would have to be observed. This result is significant due to the 
fact that in this study all ligands were added before Zn and in the case of HA it greatly enhanced 
Zn sorption. Both of these would likely suggest the formation of a type A surface complexation. 
In fact, the formation of a type A ternary surface complex upon metal sorption has been often 
suggested in past studies (Alcacio et al., 2001). Our results provide the evidence discrediting this 
case.  As indicated by Yamaguchi et al. (2001) in a study of Ni adsorption to gibbsite in the 
presence of citrate, Ni would be surrounded with O and C atoms within 3.5Å in a ternary A 
complex. An alternative explanation of enhanced Zn sorption in the case of HA (Figure 4.1b) 
could be the reduced positive charge at kaolinite surface upon HA sorption, which then 
stimulates the Zn specific sorption by kaolinite aluminol group. Collins et al. (1999) reported that 
the adsorption of organic anions to a mineral surface reduces its positive surface charge, 
resulting in a more attractive surface for cation adsorption.  
Type B ternary surface complex with metal in the between the mineral surface and 
ligands is another mechanism of surface complexation in a ternary system. In a type B ternary 
complex, a ligand exchange reaction  is expected to occur so that water is replaced by weaker 
field carboxylic ligands resulting in more water molecules coordinating to Zn; hence longer Zn-
O radial distances (Alcacio et al., 2001; Yamaguchi et al., 2001). The Zn-O radial distances in 
the presence of ligands at pH 5.5 did not exhibit increases, thus no evidence for the formation of 
ternary B complexes are provided in this study.    
Enhanced removal of Zn from solution in the presence of inorganic PO4 was throughout 
the pH range studied. Both XANES and EXAFS analysis of Zn sorption sample in the presence 
of PO4 at pH 5.5 and 7.5 indicated the formation of a Zn-PO4 precipitate. This experimental 
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system contained 3.1 mmol/L of kaolinite surface sites as compared to 1.5 mmol/L of Zn and 
PO4. Using MINTEQ (Gustafsson, 2004), it was found that roughly 84% of added Zn would be 
absorbed by kaolinite with only 15% of added Zn precipitated as uniform Zn3(PO4)2 at pH 7.5. 
EXAFS spectroscopic evidence presented in Figure 4.6 and Table 4.2, however, suggested that 
ZnPO4 precipitation likely dominated the Zn sorption in a kaolinite system at the neutral pH. 
4.5 Conclusion 
 Macroscopic investigation showed that Zn adsorption to kaolinite was suppressed in the 
presence of citrate and DFO-B at pH higher than 5.5 and enhanced in the presence of HA, 
particularly at pH 4.5 and 6.5. The removal of Zn from solution in the presence of PO4 was due 
to the formation of a Zn-PO4 precipitate at pH 5.5 and 7.5. Microscopic data analysis indicated 
that ZnO4,6 polyhedra formed inner sphere edge-sharing bidentate linkages with the aluminol 
surfaces groups of kaolinite at pH 5.5 in the control and presence of citrate, HA, and DFO-B. 
The same linkages were found at pH 7.5 in the presence of HA and DFO-B. At this pH, Zn in the 
presence of citrate was absorbed by outer sphere complexation. The formation of Zn-Al LDH 
occurred at pH 7.5 and in the absence of ligands. Overall the impact of ligands on the sorption 
mechanisms of Zn to kaolinite is most significant at high pH.  
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CHAPTER 5  
ZINC ADSORPTION TO A MIXED FERRIHYDRITE AND LOW SURFACE AREA  
GIBBSITE SYSTEM IN THE PRESENCE AND ABSENCE OF LIGANDS AS A 
FUNCTION OF pH: A MACROSCOPIC AND XAFS MICROSCOPIC APPROACH 
5.1 Introduction 
Heavy metal complexation with mineral surfaces occurring at the water/mineral interface 
impacts the availability, reactivity and transport of heavy metals in soils and waters. Metals in 
the environment are usually complexed with ligands of natural or anthropogenic origin such as 
humic acid, fulvic acid, NTA or EDTA (Davis and Leckie, 1978; Bradl, 2004). The presence of 
ligands impacts the partitioning of metals at the water/mineral interface, playing a key role in 
controlling mobility and bioavailability of heavy metals. The most important mineral phases 
involved in the adsorption of heavy metals are phyllosilicates, metal oxides and hydroxides, 
carbonates, and phosphates (Bradl, 2004). Fe and Al oxides are ubiquitous in the environment 
occurring as discreet particles or as coatings on other minerals. They have high affinity for 
metals and selectively adsorb metals at pH levels in which they are positively charged (Violante 
et al., 2003).  
Zinc (Zn) is an essential element for the growth of plants, animal and humans. Yet, 
elevated concentrations in the environment as a result of smelting activities, use of contaminated 
sludges, and deposition from incinerator emissions may be detrimental. Due to its environmental 
significance, Zn adsorption to various mineral surfaces has received considerable attention. 
Microscopic techniques such as X-Ray Absorption Fine Structure spectroscopy (XAFS) have 
been employed to elucidate the adsorption mechanisms of Zn to various Fe and Al oxide 
surfaces. Trivedi et al. (2001) found that Zn adsorbed to ferrihydrite via outer sphere 
complexation, whereas adsorbed to goethite via inner sphere bidentate complexation at pH 
ranging from 6-8. Other researchers confirmed inner sphere complex formation with ferrihydrite 
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at neutral pH (Waychunas et al., 2002; Lee and Anderson, 2005). Zn was found to form inner 
sphere complexes with Al oxide minerals such as Al2O3 (Trainor et al., 2000; 2001) and gibbsite 
(Roberts et al., 2003). Studies have also shown that Zn polymerization or precipitate formation 
may occur with increase in Zn surface loadings. At high surface loadings of Zn, precipitate 
formation was identified upon adsorption to ferrihydrite (Waychunas et al., 2002; Lee and 
Anderson, 2005). In alumina, high loadings resulted in a mixed metal Zn-Al hydroxide 
coprecipitate formation (Trainor et al., 2000). In low surface area gibbsite, Zn formed a Zn-Al 
layered double hydroxide (LDH), whereas formed inner sphere complexes in high surface area 
gibbsite at the same surface loadings (Roberts et al., 2003). 
Macroscopic investigation of Zn adsorption to oxide mineral surfaces as impacted by the 
presence of ligands has been previously investigated. The presence of citric acid during the 
formation of iron oxides was found to increase the adsorption of Zn (Xue and Huang, 1995). 
Siderophores, natural exudates from plants and microorganisms were also shown to impact the 
adsorption of Zn to oxide mineral surfaces. Neuabauer et al. (2002) found that siderophore DFO-
B suppressed the adsorption of Zn to iron oxides over a wide pH range due to repulsion between 
the positively charged surface and the positively charged ZnLH2
+
 complex. Diaz-Barrientoz et al. 
(1990) reported that increasing concentrations of phosphate resulted in strong increases of Zn 
adsorption to iron oxide. Vermeer et al. (1999) reported that metal ion adsorption is increased in 
a humic acid – iron oxide mixture than to the isolated iron oxide. Studies have used XAFS to 
elucidate the adsorption mechanisms of metals to oxide mineral surfaces in the presence of 
ligands. While metals such as Cd have been investigated in that regard, few studies have 
investigated the impact of ligands on the adsorption mechanisms of Zn. Schlegel et al. (1997) 
reported that Zn was adsorbed to goethite in the form of ZnEDTA, precluding a ligand exchange 
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mechanism. Other researchers have investigated Zn adsorption mechanisms to humic acid and 
found Zn to form inner sphere complexes with humic acid (Xia et al., 1997). Sarret et al. (1997) 
found that Zn formed inner sphere complexes with humic acid at low Zn concentration (300-
5000 mg/kg), whereas formed outer sphere complexes at high concentrations (550g/kg) (Sarret et 
al., 1997). We have not found any reports that have investigated the impact of humic acid on the 
adsorption mechanisms of Zn to oxide mineral surfaces. There are several reports however that 
have investigated the impact of ligands on the adsorption of metals such as Cd and Ni. 
Yamaguchi et al. (2002) investigated the impact of citrate on Ni adsorption to gibbsite and found 
that Ni formed inner sphere complexes with high surface area gibbsite, whereas formed a Ni-Al 
LDH in the low area gibbsite. Collins et al. (1999) investigated the impact of ligands on Cd 
adsorption to goethite and reported the formation of inner sphere complexes in the presence of 
sulfate, phosphate and humic acid. On the other hand, Cd formed precipitates with citrate and 
oxalate. There is need to investigate the impact of ligands on the adsorption of Zn to oxide 
mineral surfaces. 
The objectives of this study are to: 1) determine the impact of citrate, phosphate (PO4), 
humic acid (HA), and siderophore desferrioxamine-B (DFO-B) on Zn adsorption to mixed 
ferrihydrite-gibbsite and single gibbsite mineral systems at different pH, and 2) elucidate the 
adsorption mechanisms of Zn to mineral surfaces in the mixed ferrihydrite-gibbsite and single 
gibbsite mineral systems in the presence of ligands at pH 7.5. 
5.2     Materials and Methods 
5.2.1  Ferrihydrite and Gibbsite Preparation  
Ferrihydrite was synthesized according to the procedure described by Schwertmann and 
Cornell (2000) and under flow of N2 gas. The freshly produced ferrihydrite was then centrifuged 
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several times to remove any non-precipitated iron. It was then dialyzed against water to remove 
electrolytes. The electrical conductivity of the water was continuously monitored, and water was 
changed several times a day. The produced material was then freeze dried and used for 
experimentation shortly after.  
X-Ray Diffraction patterns indicated that the mineral synthesized was ferrihydrite. The 
BET-surface area of the produced material was 188 m
2/gm. Gibbsite was purchased from Ward‘s 
Scientific with a reported surface area of 25 m
2
/g (Scheckel et al., 2000), with no further 
purification conducted on this mineral. PO4, citrate, and DFO-B ligands were prepared from 
sodium dihydrogen phosphate, trisodium citrate dihydrate, and desferrioxamine mesylate salts, 
respectively. HA was obtained from Sigma-Aldrich (H16752) and was purified by acid washing 
and subsequent removal of ash content according to the International Humic Substance Society 
method (Swift, 1996). 
 Briefly, HA was acidified to pH 1.5, allowed to stand for 16 hours, settled by low speed 
centrifugation and then the supernatant was decanted. HA was resuspended under N2 gas to pH 
7.0 using 1M NaOH and allowed to stand for 24 hours. The precipitation and subsequent 
redissolution were repeated four times. To remove the ash content from HA, the precipitate was 
suspended in 0.1M HCl/0.3M HF and shaken overnight. The process was repeated once and then 
HA was dialyzed until free of Cl
-
 as tested using AgNO3. The material was freeze dried and 
mixed well prior to use.  
5.2.2 Adsorption Experiment 
Adsorption experiments were conducted in 50 ml centrifuge tubes under N2 atmosphere. 
The experimental setup included 4 pH levels (4.5, 5.5, 6.5, and 7.5), five ligand treatments 
(citrate, phosphate (PO4), humic acid (HA), siderophore (DFO-B), and NaNO3-control) and two 
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replications. The mixed mineral system was composed of ferrihydrite and gibbsite in a 1:1 
weight ratio and total solid/liquid ratio of 20g/l. The single mineral system was composed of 
gibbsite in a solid/liquid ratio of 20g/l. The metal:ligand ratio constituted a 1:1 molar ratio of 1.5 
mM in both mineral systems. HA was prepared on the basis of total carbon content (determined 
using TOC analyzer), so that total carbon content was similar to that of citrate. The background 
electrolyte concentration in the system was 0.01M NaNO3.  
The experiment was conducted as follows: minerals were first allowed to hydrate for 24 
hours in background electrolyte solution. The ligand solution of citrate, PO4, HA or DFO-B was 
then added to their respective tubes and allowed to react with kaolinite for 10 minutes. Zn was 
then added dropwise from an acidified solution under constant stirring of suspension. The pH 
was adjusted to its respective value using 0.1M of either HNO3 or NaOH (pre-purged with N2). 
The final volume was completed and the reaction time was 24 hours. The pH was continuously 
monitored (under N2 purging) and adjusted so that values exhibited minimal fluctuations. The 
solid was separated from the solution by centrifugation and the solution was filtered using 0.4 
μM filters. Soluble concentrations of Zn, P, Si and Al were determined using ICP-AES 
(Spectro).     
Concentrations of dissolved organic carbon in the system were determined using TOC 
analyzer (Shimadzu). The amounts of Zn and ligand adsorbed were calculated by the difference 
in initial and final concentrations in solution. The solid portion was stored as a paste at 4ºC until 
use for XAFS spectroscopy analysis. 
5.2.3 EXAFS Data Collection and Analysis 
EXAFS data were collected on the Ge (220) double-crystal monochromator beamline at 
the Center for Advanced Microstructures and Devices in Baton Rouge, Louisiana. The electron 
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beam energy was 1.3 GeV with a maximum beam current of 180 mA. Zn metal foil was used to 
calibrate the beam energy by setting the first inflection point to 9569 eV. The EXAFS spectra for 
adsorption samples were collected at Zn K-edge in fluorescence mode using a Canberra 13 
element ultra low energy germanium diode array detector. Multiple scans were collected to 
improve the signal to noise ratio. Data reduction was conducted using Athena interface to 
IFEFFIT software. The scans were aligned, merged and deglitched. Standard procedures were 
used to extract the EXAFS spectra (Fay et al., 1992).  
The threshold energy (E0) was determined from the maximum of the first derivative of 
μ(E) and was used to convert the energy axis to photoelectron wave vector units (Å-1).  The 
resulting data were weighted by k3 to compensate for damping of the EXAFS spectrum at higher 
energies. The k-weighted χ(k) spectra were then Fourier transformed over the wave vector k 
range of 2-10Å
-1
 using a Kaiser-bessel apodization window to produce radial structure functions 
(RSF) that isolate first and second shell components.  
Ab initio phase shift and amplitude functions of Zn-O and Zn-Al, Zn-P, Zn-Zn, and Zn-
Fe scattering paths were extracted using Zn-Al LDH, hopeite (Zn3(PO4)2
.
4H2O), zincite (ZnO), 
and franklinite using FEFF 6.0 code. The peaks of interest were isolated and backtransformed in 
k space using a Kaiser-bessel window. Structural parameters (element identity, coordination 
number, and radial distance) were determined by a non linear least squares curve fitting approach 
using Artemis interface to IFEFFIT software. Single shell fits were conducted for the first and 
second peaks selected at R of 1.0-2.2 and 2.3-3.2 Å, respectively. The value of S0
2
 was set to 
0.84 and determined by fixing the coordination number for Zn-O in aqueous Zn to 6 (Alcacio et 
al., 2001; Scheinost et al., 2002; Roberts et al., 2003). 
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5.3      Results and Discussion 
5.3.1  Macroscopic Zn adsorption 
Figures 5.1 and 5.2 show Zn adsorption to the mixed ferrihydrite-gibbsite and single 
gibbsite systems in the presence and absence of ligands, respectively. The effect of ligands on 
the adsorption of Zn differed among the mineral systems. While ligands enhanced Zn adsorption 
in the mixed system (with the exception of DFO-B), only HA and PO4 enhanced Zn removal in 
the single mineral system (Figures 5.1 and 5.2). The differences are due to the presence of 
ferrihydrite in the mixed system, as heavy metals have higher affinity for iron oxides than for 
aluminum oxides (Violante et al., 2003). In addition, the surface area of ferrihydrite was much 
larger than that of gibbsite. 
Comparing adsorption in the control, more Zn was adsorbed to the mixed than to the 
single mineral system at any given pH value (Figures 5.1a and 5.2a). In the mixed mineral 
system, Zn adsorption increased from 5 to 100% with increase in pH from 4.5 to 7.5 in the 
control (Figure 5.1a). The adsorption edge was sigmoid, typical of metals adsorbed to oxide 
mineral surfaces, and complete adsorption occurred within a narrow pH range (Angove et al., 
1999).  
In the single gibbsite system, minimal adsorption was observed at pH 4.5 and 5.5, and an 
abrupt increase in adsorption occurred in the narrow pH range of 6.5 to 7.5. The pH adsorption 
edge displayed in this study for the gibbsite system is similar to that reported by Roberts et al. 
(2003), who reported that negligible quantities of Zn were adsorbed below pH 5.5. They reported 
surface loadings at pH 6.5 and 7.5 to be 0.68 and 1.79 μmol/m2, respectively. 
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Figure 5.1 Zn adsorption in mixed mineral system (ferrihydrite-gibbsite) in the presence of 
citrate (a), PO4 (b), HA (c), DFO-B (d) as a function of pH.(  ) Zn adsorption in the control, (   ) 
Zn adsorption in presence of ligand, (   ) adsorption of ligand. 
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Figure 5.2 Zn adsorption in single mineral system (gibbsite) in the presence of citrate (a), PO4 
(b), HA (c), DFO-B (d) as a function of pH.(   ) Zn adsorption in the control, (    ) Zn adsorption 
in presence of ligand, (    ) adsorption of ligand.  
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While citrate suppressed the adsorption of Zn in the single system, it enhanced it in the 
mixed (Figures 5.1a and 5.2a). The presence of citrate in the latter resulted in enhanced 
adsorption of Zn at pH below 7.5, where the largest increase of 43% was found at pH 5.5 (Figure 
5.1a). Suppressed adsorption in the single system was likely due to competition between citrate 
and the surface mineral groups for Zn. The difference in citrate impact on Zn adsorption between 
the two mineral systems may be related to the amount of citrate that can adsorb to the mineral 
surface. Citrate enhances metal adsorption to oxide mineral surfaces as long as citrate itself is 
adsorbed to the surface. Once the surface sites are saturated with adsorbed citrate, excess 
solution citrate begins to compete with the surface for the metal, thus reducing metal adsorption 
(Boily and Fein, 1996). The adsorption of citrate was high in the mixed system (95 and 75% at 
pH 4.5 and 7.5, respectively) and negligible in the single mineral system. Citrate was found to 
enhance Cd adsorption to Al2O3 in the pH range from 3.5-7.2 (Boily and Fein, 1996), while it 
reduced Ni adsorption to gibbsite at neutral pH (Yamaguchi et al., 2002). Low molecular weight 
acid anions exhibit an increase in adsorption to variable mineral surfaces with decrease in pH 
below the pHpzc (Geelhoed et al., 1998). Citrate adsorption in the mixed system exhibited a 
decrease of 20% within the pH range of investigation. Citrate and other organic acids adsorb 
strongly to hydroxylated surfaces at low pH, enhancing metal adsorption by either forming 
ternary complexes or by providing more negative surface charge. 
Figures 5.1b and 5.2b show Zn adsorption in the mixed and single mineral systems in the 
presence of PO4, respectively. While adsorption was enhanced in the mixed system, Zn removal 
from solution in the single system was a result of precipitate formation rather than enhanced 
adsorption (shown by EXAFS analysis). In the mixed system, the adsorption edge was shifted to 
lower pH in the presence of PO4 where Zn adsorption was enhanced by 8% at pH 4.5 and by 
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25% at pH 5.5 and 6.5. In addition, PO4 adsorption was complete throughout the pH range of 
investigation. Modeling the data using the DLM in Visual MINTEQ confirmed the complete 
adsorption of PO4 in the pH range of investigation and absence of a PO4 precipitate. The low pH 
dependency of PO4 adsorption to iron oxide surfaces such as goethite has been reported 
previously (Venema et al., 1997; Gao and Mucci, 2001). Enhanced adsorption of metals such as 
Cd and Zn in the presence of PO4 has been reported (Diaz-Barrientos et al., 1990; Venema et al., 
1997; Wang and Xing, 2004). 
Luengo et al. (2006) reported that at pH 4.5, bidentate protonated (FeO)2(OH)PO and 
bidentate non protonated (FeO)2PO2 complexes of PO4 formed at the surface of goethite. At pH 
7.5, the dominating surface species was (FeO)2PO2. Khare et al. (2007) confirmed that at pH 6.0, 
PO4 adsorbed to ferrihydrite predominantly in the form of a bidentate binuclear complex. Arai 
and Sparks (2001) reported that at pH 7.5 nonprotonated bidentate binuclear complexes 
(≡Fe2PO4) and protonated complexes form at pH 4-6. Figures 5.1c and 5.2c show adsorption in 
the presence of HA. It can be seen that HA enhanced Zn adsorption in both systems at pH below 
7.5. In the mixed system, there was an apparent shift in the adsorption edge to lower pH values 
and adsorption increased by 13, 15 and 8% with pH increase from 4.5 to 6.5, respectively. At pH 
7.5, however, adsorption decreased by 9%. In the single mineral system, increases of 15 and 27% 
were recorded at pH 4.5, 5.5 and 6.5. As in the mixed mineral system, adsorption of Zn was 
reduced by 9% at pH 7.5 in the presence of HA. HA adsorption in the mineral systems was 
consistent with the anion exchange or electrostatic interaction mechanism in which adsorption 
decreased with pH increase. The presence of soluble HA at pH 7.5 likely resulted in competition 
between HA and the surface groups of minerals for Zn, hence reducing the quantities of Zn 
adsorbed at this pH. The pH dependence of HA adsorption to goethite coated sand and enhanced 
118 
 
Cd adsorption in HA presence was reported by Lai et al. (2002). In natural water systems, trace 
metal ions were reported to have higher affinity for the functional groups of humic substances 
attached to oxide surfaces than for the oxide surface sites (Davis and Leckie, 1978). Similar 
results were reported by Vermeer et al. (1999) who showed that metal ions had higher affinity 
for a mixture of HA and iron oxides than for oxides only. In the single mineral system, 67% of 
HA was adsorbed at pH 4.5 and increased to 92% at pH 5.5. 
The presence of DFO-B in the mixed mineral system resulted in reduction of Zn 
adsorption, specifically at pH 7.5 where adsorption decreased by 55% (Figure 5.1d). The 
positively charged soluble H2ZnDFO
+
 complex dominates at pH ~7.0, resulting in suppressed Zn 
adsorption to ferrihydrite due to electrostatic repulsion with the positively charged surface 
(Kraemer et al., 1999; Neubauer et al., 2002). The presence of DFO-B in the single mineral 
system suppressed Zn adsorption at all pH levels where only 8% of Zn was adsorbed at pH 7.5. 
Siderophores promote the dissolution of iron oxides, which may also impact metal adsorption. 
However, results indicated that dissolution of Fe from ferrihydrite was 0.07μmol/m2 regardless 
of pH.  
5.3.2      EXAFS Analysis 
5.3.2.1   First Shell Coordination 
Figures 5.3 and 5.4 show the normalized k
3
-weighted EXAFS spectra, the corresponding 
Fourier transformed Radial Structural Functions (uncorrected for phase shifts), and Fourier back 
transformed spectra for Zn adsorption to the mixed and single mineral systems at pH 7.5, 
respectively. The solid lines represent the raw spectra and dashed lines represent the best fits. 
Data analysis obtained from fitting the backtransformed χ spectra are shown in Tables 5.1 and 
5.2. First shell data analysis of the mixed system indicates that Zn formed tetrahedral 
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coordination with first shell oxygen atoms in all of the adsorption samples as evident by the 
interatomic radial distances (RZn-O) and first shell coordination numbers (Table 5.1). Zn may 
form tetrahedral, octahedral, or a mixture of both coordination spheres with first shell oxygen 
atoms (Waychunas et al., 2002; Roberts et al., 2003). While most studies conducted on 
ferrihydrite have shown that Zn forms tetrahedral coordination with first shell oxygen atoms 
(Trivedi et al., 2001; Waychunas et al., 2002; Trivedi et al., 2004), octahedral coordination was 
reported by Trivedi et al. (2001) at pH 6-8. In their study, Zn was bond via outer sphere 
complexation and therefore maintained octahedral coordination. Nachtegaal and Sparks (2004) 
reported octahedral first shell coordination in Zn adsorbed to goethite and to a goethite-kaolinite 
system at pH 7.0 and where Zn had formed inner sphere complexes with the mineral surfaces.  
Zn is reported to favor tetrahedral coordination with increase in pH where it exhibits a 
transition in first shell coordination from octahedral to tetrahedral. Bochatay and Persson (2000) 
reported that with increase in pH from neutral to high, Zn exhibited a transition from a mixture 
of coordination spheres to predominantly tetrahedral upon adsorption to manganite. Waychunas 
et al. (2002) indicated that this transition is favored as a result of increase in the oxygen bond 
valence sum to ~2.0 as opposed to ~1.83 for octahedral coordination.  
In the single mineral system, octahederal coordination was evident in the citrate, HA and 
DFO-B samples. In aluminum oxides, formation of either coordination sphere has been reported. 
Roberts et al. (2003) reported a mixture of tetrahedral and octahedral coordination upon 
adsorption to high surface area gibbsite at surface loadings ranging from 0.31-2.89 μmol/m2. In 
alumina powders, surface loading was found to impact first shell coordination, where Zn formed 
tetrahedral coordination at low sorption densities (Γ=0.2-1.1 μmol/m2) and formed octahedral 
coordination at high densities due to hydrotalcite like precipitate formation (Trainor et al., 2000).  
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Figure 5.3 k
3
-weighted χ(k) of Zn adsorbed to mixed mineral system (ferrihydrite-gibbsite) at pH 
7.5 (a), their respective Fourier transforms (b), and inverse Fourier transforms (c). The solid lines 
represent the raw spectra and the dotted lines represent best fits.  
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Figure 5.4 k
3
-weighted χ(k) of Zn adsorbed to single mineral system (gibbsite) at pH 7.5 (a), their 
respective Fourier transforms (b), and inverse Fourier transforms (c). The solid lines represent 
the raw spectra and the dotted lines represent best fits.  
2 4 6 8 10
Control
Citrate
PO4
DFO-B
HA
0 1 2 3 4 5 6
Control
Citrate
DFO-B
PO4
HA
b
2 4 6 8 10
Control
Citrate
PO4
HA
DFO-B
c
a 
122 
 
The first shell fitting results displayed in Table 5.1 show low Debye Waller values for all 
sorption samples except in the presence of citrate which had a value of 0.011, indicating a first 
shell of high static or thermal disorder.  
Table 5.1 Structural parameters for Zn sorbed in mixed ferrihydrite and gibbsite system at pH 7.5 
in the presence and absence of ligands derived from EXAFS spectral data analysis  
Ligand Shell N R(Å) ζ2(Å2) 
     Control Zn-O 3.77 1.91 0.006 
 
Zn-Al 0.92 3.18 0.009 
 
Zn-Fe/Zn 1.58 3.55 0.003 
     
Citrate Zn-O 4.89 1.91 0.011 
 
Zn-Al 0.73 2.99 0.001 
 
Zn-Fe/Zn 0.67 3.55 0.001 
     
PO4 Zn-O 4.03 1.91 0.007 
 
Zn-Fe/Zn 3.44 3.52 0.015 
     
HA Zn-O 4.47 1.92 0.007 
 
Zn-Fe/Zn 4.61 3.47 0.018 
     
DFO-B Zn-O 4.37 1.92 0.004 
 
Zn-C 2.30 2.90 0.003 
 
Zn-Fe/Zn 1.90 3.54 0.005 
N = coordination number, R = radial distance (Ǻ), ζ2 = Debye-Waller factor (Ǻ-2).The 
uncertainties in N are estimated to be 30%. Variations in R are estimated to be 0.03 for all shells. 
 
5.3.2.2 Second Shell Coordination 
The Radial Structural Functions (RSF) for the mixed mineral sorption samples displayed 
in Figure 5.3b show that a single higher shell was present between 2.8 and 3.0 Å(uncorrected for 
phase shift) in the case of HA, PO4 and DFO-B. The control and citrate samples both exhibited 
two higher shells at 2.5 and 3.0Å in which the former was due to Al and the latter due to Fe or 
Zn backscattering. 
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5.3.2.3 Zn Adsorption Mechanisms to Ferrihydrite 
Zn and Fe have similar phase shift and amplitude functions, which makes it is difficult to 
identify if the higher shell backscattering atom is Zn or Fe. Thus, distinguishing between Zn 
forming inner sphere complexes with ferrihydrite and formation of Zn polynuclear complexes is 
difficult using EXAFS analysis alone (Lee and Anderson, 2005; Ha et al., 2009). Since Zn 
hydroxide phases may form even under unsaturated conditions, the formation of Zn 
polymerization cannot be ruled out and backscattering due to Zn should be considered (Lee and 
Anderson, 2005; Bochatay and Persson, 2000).  
Fitting results from Table 5.1 show that in the HA sample, the Zn-Fe/Zn radial distance 
was 3.47Å whereas it was ~3.55Å for the remaining samples. Since we have a tetrahedral first 
shell coordination, the Zn-Fe/Zn interatomic radial distance of 3.47Å is consistent with that of a 
Zn hydroxide phase (ε-Zn(OH)2), where typical values range from 3.40-3.46Å (Bochatay and 
Persson, 2000; Lee and Anderson, 2005). However, since the formation of Zn polymers seems 
unlikely in the presence of HA, backscattering of the second shell may be attributed to Fe atoms 
rather than Zn. Waychunas et al. (2002) reported that a Zn-Fe distance of 3.45 Å was  consistent 
with ZnO4 tetrahedra sharing the apical oxygens of two adjacent FeO6 octahedra in ferrihydrite 
(corner sharing bidentate). 
 The distances of 3.52 to 3.55Å in the remainder of samples is longer than that of Zn 
hydroxide phases such as γ-Zn(OH)2 (typical values ranging from 3.30-3.36Å) and ε-Zn(OH)2. 
Despite that the radial distance is also consistent with that of Zn-Zn in hydrozincite (Waychunas 
et al., 2002), we can rule out the formation of Zn octahedral phases such as hydrozincite since 
the Zn-O first shell is tetrahedral and as atmospheric CO2 was excluded from the adsorption 
system. These distances are consistent with ZnO4 forming corner sharing with FeO6 of 
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ferrihydrite (O‘Day et al., 1998). Trivedi et al. (2001) found that Zn formed inner sphere 
complexes with goethite and reported the occurrence of 2 Fe atoms at an interatomic radial 
distance of 3.51Å. It may be concluded that Zn polymerization was absent from any of the 
sorption samples and that higher shell backscattering was due to Fe atoms not Zn.  
The absence of Zn precipitate formation or polymerization is possible despite reports that 
polymerization may occur at low surface loadings. Zn polymerization or precipitate phase 
formation was reported to occur at a low surface loading of 1.1 μmol/m2 in manganite (Bochatay 
and Persson, 2000). The highest loading in our study for the mixed system was 0.70μmol/m2. 
Nachtegaal and Sparks (2004) found that Zn formed inner sphere complexes with goethite rather 
than form a precipitate phase when the surface loading was 1.2μmol/m2. Trainor et al. (2000) 
reported that with sorption densities up to 1.1μmol/m2, Zn predominantly formed sorption 
complexes with alumina rather than form Zn polynuclear complexes. 
5.3.2.4 Zn Adsorption Mechanisms to Gibbsite 
 As previously mentioned, inner sphere complexation with gibbsite in the mixed system 
was evident only in the control and citrate samples. The second shell in the control was best fit 
with 0.92Al atoms at an interatomic distance of 3.18 Å and with 0.73Al atoms at 2.99 Å  in the 
case of citrate (Table 5.1). Since Zn was in tetrahedral coordination with first shell oxygen 
atoms, the Zn-Al radial distance of 3.18 Å is consistent with ZnO4 tetrahedra forming corner 
sharing linkages with AlO6 octahedra of gibbsite (Trainor et al. 2000). In addition, the Zn-Al 
distance of 2.99 Å and coordination number of 0.73 are consistent with ZnO4 tetrahedra sharing 
edges with AlO6 octahedra. For corner sharing complexes to give Zn-Al radial distances less 
than 3.0Å, the Zn-O-Al bond angle would have to be small, which is unlikely due to steric 
constraints (Trainor et al., 2000). 
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 It can be concluded that in the mixed system, Zn formed corner sharing linkages in the 
control and edge sharing linkages in the citrate sample. Trainor et al. (2000) found that at low 
sorption densities (<1.1μmol/m2), a second shell Al backscatterer was identified at radial 
distances ranging from 2.95 to 2.99Å  and concluded the formation of edge sharing complexes 
with alumina surface groups. Roberts et al. (2003) reported that Zn-Al distance of 3.02Å was 
consistent with edge sharing adsorption geometry, with Zn being in either tetrahedral or 
octahedral first shell coordination. 
In the single mineral system, a Zn-Al radial distance of 3.09Å was found for the control 
sample (Table 5.2). This distance may coincide with corner-sharing monodentate geometry 
where Zn-Al distances range from 3.07-3.75Å (Trainor et al., 2000). Zn has to undergo 
significant distortion to form edge sharing complexes at a Zn-Al radial distance of 3.09Å 
(Bochatay and Persson, 2000).  
For the citrate and HA samples of the single system, the Zn-Al radial distances were 
~2.99 Å (Table 5.2), similar to the Zn-Al distance of the citrate sample in the mixed system 
(Table 5.1). These values are consistent with ZnO6 octahedra forming edge sharing linkages with 
AlO6 of gibbsite. Roberts et al. (2003) reported that ZnO6 octahedra formed edge sharing 
complexes with gibbsite evident by the Zn-Al radial distance of 3.02Å. The Zn-Al distance of 
3.20 Å in the DFO-B sample (Table 5.2) is consistent with ZnO6 octahedra forming corner 
sharing complexes with gibbsite. It can be concluded that in the single system, edge sharing 
complexes with gibbsite was the main uptake mechanism in the citrate and HA sorption samples. 
In the mixed system, edge sharing was evident only in the citrate sample. Corner sharing 
linkages in the single system were evident in the control and DFO-B sorption samples. 
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Table 5.2 Structural parameters for Zn sorbed on gibbsite at pH 7.5 in the presence and absence 
of ligands derived from EXAFS spectral data analysis 
Ligand Shell N R(Å) ζ2(Å2) 
     
Control Zn-O 4.79 1.94 0.011 
 
Zn-Al 1.07 3.09 0.003 
     
Citrate Zn-O 5.14 2.02 0.006 
 
Zn-C 3.64 2.78 0.001 
 
Zn-Al 4.42 2.98 0.02 
     
PO4 Zn-O 3.22 1.98 0.006 
 
Zn-P 0.69 3.28 0.001 
     
HA Zn-O 5.02 2.01 0.007 
 
Zn-C 3.43 2.80 0.001 
 
Zn-Al 1.93 2.99 0.006 
     
DFO-B Zn-O 5.50 2.03 0.009 
 
Zn-C 3.37 2.72 0.002 
 
Zn-Al 1.21 3.20 0.003 
N = coordination number, R = radial distance (Ǻ), ζ2 = Debye-Waller factor (Ǻ-2).The 
uncertainties in N are estimated to be 30%. Variations in R are estimated to be 0.03 for all shells. 
 
The coordination number for the citrate sample in the single system was 4.42 and the 
Debye -Waller factor value was 0.02 indicating large static or thermal disorder in the Al shell 
(Table 5.2). Since CN and ζ2 values are highly correlated, interpretation of their absolute value is 
suspect (O‘Day et al., 1998). 
The absence of Zn backscattering contribution to the second shell in the single mineral 
system (Table 5.2) indicates the absence of Zn polymerization or precipitate formation such as 
Zn-Al LDH. While studies have shown that Zn precipitate formation in aluminum oxides can 
occur at low surfaces loadings, other studies have indicated the absence of precipitate formation 
at surface loadings similar to our study (~1.6 μmol/m2) and higher. Roberts et al. (2003) studied 
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Zn adsorption to gibbsite and reported the absence of Zn precipitate formation at neutral pH and 
surface loadings upto 2.89μmol/m2. Zn backscattering contribution was detected in the high 
surface area gibbsite at surface loadings of 3.76 μmol/m2. Trainor et al. (2000) similarly reported 
considerable Zn precipitate formation in alumina at surface loadings of 1.7 μmol/m2 and higher. 
5.3.3 Discussion 
As indicated by the macroscopic adsorption data (Figure 5.1), Zn adsorption in the mixed 
system was enhanced in the presence of ligands with the exception of DFO-B. However, the 
mechanisms of Zn adsorption to ferrihydrite remained unaffected by the presence of ligands. In 
all of the mixed mineral adsorption samples, ZnO4 tetrahedra formed corner sharing linkages 
with FeO6 octahedra of ferrihydrite as evident by the Zn-Fe radial distances of 3.47 to 3.55 Å. Zn 
was adsorbed to gibbsite in the mixed system in the control and citrate samples, while no 
evidence of complexation was evident in the PO4, HA or DFO-B samples (Table 5.1). It is 
possible that outer sphere complexes formed with gibbsite in these samples. However, EXAFS 
spectroscopy cannot detect outer sphere complexation in the presence of inner sphere complexes 
of the same element (Ha et al., 2009). 
In the single mineral system, Zn adsorption to gibbsite was impacted by the presence of 
ligands, where HA was the only ligand that enhanced adsorption. Citrate and DFO-B suppressed 
adsorption by competing with the gibbsite surface groups for Zn, and PO4 formed a precipitate 
with Zn (Figure 5.2). The effect was also reflected on the adsorption mechanisms of Zn to 
gibbsite. In the citrate and HA samples, ZnO6 octahedra formed bidentate mononuclear 
complexes with AlO6 octahedra of gibbsite as evident by the Zn-Al radial distances of ~2.99Å. 
In the control and DFO-B samples, corner sharing linkages with gibbsite were the main 
mechanisms of uptake. 
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The absence of Zn backscattering contribution to the higher shell indicate that Zn 
polymerization or precipitate formation was absent from these mineral systems (Tables 5.1 and 
5.2). The formation of Zn-Al LDH upon adsorption to gibbsite in either mineral system can 
therefore be ruled out.  
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CHAPTER 6 
SURFACE COMPLEXATION OF ZINC ON MIXED KAOLINITE AND GOETHITE 
SYSTEM IN THE PRESENCE OF ORGANIC AND INORGANIC LIGANDS AS A 
FUNCTION OF pH 
6.1 Introduction 
Soils are important sinks for trace metals in the environment acting as filters protecting 
surface and groundwater from various contaminants. Understanding metal interaction with 
mineral surfaces in the soil is therefore essential to the understanding of metal fate and transport, 
bioavailability and ultimately toxicity. For example, outer-sphere trace metal complexes formed 
in the soil are weak and readily exchangeable, whereas inner sphere complexes are strong and 
may potentially sequester metals. The task of elucidating the adsorption mechanisms of Zn and 
other metals in soils is faced with challenges due to the heterogeneous complex nature of soil 
systems. Researchers have therefore used individual mineral systems to elucidate the adsorption 
mechanisms of Zn and other metals. X-Ray Absorption Fine Structure Spectroscopy (XAFS) has 
been a powerful tool in that regard as it allowed the probing of Zn adsorption at the molecular 
level.  
Previous research has investigated the binding mechanisms of Zn to mineral surfaces as a 
function of reaction time, pH, ionic strength and surface loading. Surface loading was found to 
impact the adsorption mechanisms of Zn to ferrihydrite, where bidentate mononuclear complexes 
dominated at high surface loading and pH values above 5, whereas monodentate mononuclear 
complexes were dominant at lower surface loading and lower pH values (Dyer et al. 2003 and 
Trivedi et al. 2003). In alumina powders, inner sphere bidentate complexes dominated at low 
densities and hydrotalcite type precipitates formed at high sorption densities (Trainor et al. 
2000). It was also found that Zn favored octahedral first shell coordination at low pH and 
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tetrahedral coordination at high pH upon adsorption to various minerals such as Fe/Al oxides and 
silica (Waychunas et al., 2002; Roberts et al., 2003).  
Naturally occurring ligands in the environment released by plant roots and 
microorganisms play a significant role in heavy metal transport in soils. The ligands investigated 
in this study include phosphate (PO4), citrate, humic acid (HA) and siderophore (DFO-B). 
Phosphorus is a major plant nutrient that is widely distributed in the soil and is also considered a 
non-point source pollutant resulting from animal fertilizers. It is of significant importance as a 
result of its relation to soil fertility, eutrophication and erosion control (Tejedor-Tejedor, 1990; 
Wang and Xing, 2002). Humic substances are widely distributed in soils, sediments and water 
bodies. They are high molecular weight compounds with low mobility in the soil, which give 
them the capacity to immobilize heavy metals (Arias et al., 2002). The most important surface 
functional groups in humic acid are the carboxylic, carbonyl, and phenolic groups (Bradl, 2004). 
On average, 50% of the total acidity is due to carboxylic groups. They have a greater tendency to 
ionize at low pH and are therefore most likely to be involved in the adsorption reactions (Xia et 
al., 1997; Lai et al., 2002).  
Studies have shown that ligands may either hinder or promote metal adsorption to 
mineral surfaces depending on the affinity of metal-ligand complexes for adsorption (Violante et 
al., 2003; Buerge-Weirich et al., 2003). The effect of a ligand on Zn adsorption depends on the 
relative strength of interaction between the ligand, mineral surface and metal, as well as on the 
concentration of each of these species (Angove et al., 1999). Geelhoed et al. (1998) showed that 
citrate adsorption to goethite strongly increased with pH decrease below the PZC of 9.2. Buerge-
Weirich et al. (2003) found that oxalate decreased Cu and Ni adsorption to goethite at high pH, 
but had no impact on Cd adsorption. Violante et al. (2003) found that Pb adsorption on mixed 
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Fe-Al oxides was influenced by the concentration and sequence of Pb and ligand addition. Few 
studies have investigated the adsorption mechanisms of Zn and other metals formed with mineral 
surfaces in the presence of ligands. One study investigated the binding mechanisms of Cd 
adsorbed to goethite in the presence of organic and inorganic ligands (Collins et al., 1999).  
Low molecular weight ligands differ in terms of their impact on heavy metal adsorption 
to mineral surfaces depending on their ability to complex metals (formation constants with 
metals). Buerge-Weirich et al. (2003) found that oxalate decreased Cu and Ni adsorption to 
goethite at pH above 6.0 more than pyromelliate as a result of the former being a stronger 
complexant. Wu et al. (2003) showed that EDTA had a higher capacity to decrease Pb adsorption 
to goethite than citric acid as a result of the former being a stronger metal chelator than the latter. 
It was concluded that the stronger the chelator, the less Pb is adsorbed to goethite.  
Violante et al. (2003) indicated that the critical concentration of a low molecular weight 
organic ligand to prevent the adsorption of heavy metals is dependent on the chelating ability of 
ligand for a metal, pH, and sorbent surface properties. They also found that the sequence of 
addition of metal and ligand impacts metal adsorption. When tartrate was added before Pb, more 
Pb was adsorbed to mixed Fe/Al oxides than when Pb was added before or alone. They 
hypothesized that the added anion increased the surface negative charge and hence promoted Pb 
adsorption.   
The objectives of this study are to: 1) investigate the adsorption of Zn to a single goethite 
and a mixed goethite-kaolinite mineral system in the presence of citrate, PO4, HA, and DFO-B as 
a function of pH, and to 2) elucidate the adsorption mechanisms of Zn to kaolinite and goethite 
in the mineral systems at pH 5.5 and 7.5 using X-Ray Absorption Fine Structure Spectroscopy 
(XAFS). 
134 
 
6.2     Materials and Methods 
6.2.1  Preparation of Kaolinite  
The kaolinite used in this study was the low defect Georgia kaolinite (KGa-1) purchased 
from the Clay Minerals Society. To ensure complete dispersion, kaolinite was prepared in 10
-4
M 
NaHCO3 with pH adjusted to 9.0 (Seibner-Freibach et al., 2004). The <2 μm fraction was then 
extracted by the sedimentation method according to Stokes law. Since KGa-1 contains 
impurities, it was purified by removing carbonates, iron oxides, and organic matter. Carbonate 
removal was conducted using the method of Jackson (1956) in which kaolinite was heated in 
sodium acetate (pH 5.0) at 95ºC for 30 minutes. Kaolinite was then washed via centrifugation 
with 1M NaCl solution. Iron removal was conducted using the citrate-bicarbonate-dithionite 
method described by Aguilera and Jackson (1953). Afterwards, kaolinite was washed 4 times via 
centrifugation with a solution of 0.025 M HCl and 0.5 M NaCl (Ammann, 2003). 
 Organic matter was removed by heating  in 3% H2O2 at 50ºC for 1 hour, then heating at 
70ºC to destroy remaining H2O2 (Schlegel et al., 1999). Kaolinite was then washed 5 times with 
1M NaCl and washed again with deionized water to remove excess salt (Janssen et al., 1997; 
Nachtegaal and Sparks, 2003). Kaolinite was dialyzed against double deionized water until no 
Cl
-
 remained as tested by AgNO3. Dialysis bags were pretreated by boiling in a 2% NaHCO3 and 
1 mM EDTA solution and washed with deionized water to remove contaminating minerals and 
polysaccharides (Morillo et al., 2006). The purified kaolinite was then freeze dried, ground and 
sieved prior to use. The 5 point N2-BET surface area for kaolinite in this study was found to be 
16.39 m
2
/g. The reported point zero charge (PZC) and CEC for KGa-1b are 6.0 and 1.83 
meq/100g (Křepelová, 2007). 
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6.2.2 Preparation of Goethite 
Goethite was prepared using the method of Schwertmann and Cornell (2000) and under 
continuous flow of ultra pure N2 gas. Poorly crystalline iron oxides were removed from the 
freshly produced goethite by treating with ammonium oxalate and ammonium acetate in the dark 
(Alcacio et al. 2001). Goethite was then washed with 1 M NaCl to remove oxalate and then 
several times with deionized water (Alcacio et al., 2001). The material was then placed in 
dialysis bags to remove excess electrolytes. Prior to that, dialysis bags were pretreated by boiling 
in a 2% NaHCO3 and 1 mM EDTA solution and washed with deionized water to remove 
contaminating minerals and polysaccharides (Morillo et al., 2006). Goethite was then freeze 
dried, ground and sieved prior to use. XRD patterns indicated that the mineral synthesized was 
goethite. The 5 point N2-BET surface area for kaolinite in this study was found to be 43.63 m
2
/g.  
6.2.3 Preparation of Ligands 
  Phosphate (PO4), citrate, and desferrioxamine B (DFO-B) ligands were prepared from 
sodium dihydrogen phosphate, trisodium citrate dihydrate, and desferrioxamine mesylate (DFO-
B) salts, respectively. HA was obtained from Sigma-Aldrich (H16752) and was purified by acid 
washing and subsequent removal of ash content according to the International Humic Substance 
Society method (Swift, 1996). Briefly, HA was acidified to pH 1.5, allowed to stand for 16 
hours, settled by low speed centrifugation and then the supernatant was decanted. HA was 
resuspended under N2 gas to pH 7.0 using 1 M NaOH and allowed to stand for 24 hours. The 
precipitation and subsequent redissolution was repeated four times. To remove the ash content 
from HA, the precipitate was suspended in 0.1 M HCl/0.3M HF and shaken overnight. The 
process was repeated once and then HA was dialyzed until free of Cl
-
 as tested using AgNO3. 
The material was freeze dried and mixed well prior to use.  
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6.2.4 Sorption Experiment 
Adsorption experiments were conducted in 50 ml centrifuge tubes under continuous 
purging of ultra pure N2 gas. The experimental setup included 4 pH levels (4.5, 5.5, 6.5, and 7.5), 
five ligand treatments (citrate, phosphate, HA, DFO-B, and NaNO3-control) and replicated twice. 
Both the goethite and kaolinite concentrations were 10gm/l. The metal:ligand ratio constituted a 
1:1 molar ratio of 1.5mM. HA was prepared on the basis of total carbon content (determined 
using TOC analyzer), so that total carbon content was similar to that of citrate. The background 
electrolyte concentration of 0.01 M NaNO3 dominated the ionic strength of the adsorption 
suspension.  
The minerals in the single and mixed mineral systems were first allowed to hydrate for 24 
hours in NaNO3.The ligand solution of citrate, PO4, HA or DFO-B was then added to their 
respective tubes and allowed to react with the goethite-kaolinite mixture for 10 minutes. Zn was 
then added dropwise from an acidified solution under constant stirring of suspension. The pH 
was adjusted to its respective value using 0.1 M of either HNO3 or NaOH (pre-purged with N2). 
The final volume was completed and the reaction time was 24 hours. The pH was continuously 
monitored (under N2 purging) and adjusted so that values exhibited minimal fluctuations. 
 The solid was separated from the solution by centrifugation and the solution was filtered 
using 0.4 μM filters. Soluble concentrations of Zn, P, Si and Al were determined using ICP-AES 
(Spectro). Concentrations of dissolved organic carbon in the system determined were determined 
using TOC analyzer (Shimadzu). The amounts of Zn and ligand adsorbed were determined by 
the difference in initial and final concentrations in solution. The solid portion was stored as a 
paste at 4ºC until use for XAFS spectroscopy analysis. 
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6.2.5  EXAFS Data Collection and Analysis 
EXAFS data were collected on the Ge (220) double-crystal monochromator beamline at 
the Center for Advanced Microstructures and Devices in Baton Rouge, Louisiana. The electron 
beam energy was 1.3 GeV with a maximum beam current of 180mA. Zn metal foil was used to 
calibrate the beam energy by setting the first inflection point to 9569eV. The EXAFS spectra for 
adsorption samples were collected at Zn K-edge in fluorescence mode using a Canberra 13 
element ultra low energy germanium diode array detector. Multiple scans were collected to 
improve the signal to noise ratio.  
Data reduction was conducted using Athena interface to IFEFFIT software. The scans 
were aligned, merged and deglitched. Standard procedures were used to extract the EXAFS 
spectra (Fay et al., 1992). The threshold energy (E0) was determined from the maximum of the 
first derivative of μ(E) and was used to convert the energy axis to photoelectron wave vector 
units (Å
-1
).  The resulting data were weighted by k3 to compensate for damping of the EXAFS 
spectrum at higher energies. The k-weighted χ(k) spectra were then Fourier transformed over the 
wave vector k range of 2-10Å
-1
 using a Kaiser-bessel apodization window to produce radial 
structure functions (RSF) that isolate first and second shell components. 
Ab initio phase shift and amplitude functions of Zn-O and Zn-Al, Zn-P, Zn-Zn, and Zn-
Fe scattering paths were extracted using Zn-Al LDH, hopeite (Zn3(PO4)2
.
4H2O), and zincite 
(ZnO), and franklinite using FEFF 6.0 code. The peaks of interest were isolated and 
backtransformed in k space using a Kaiser-bessel window. Structural parameters (element 
identity, coordination number, and radial distance) were determined by a non linear least squares 
curve fitting approach using Artemis interface to IFEFFIT software. Single shell fits were 
conducted for the first and second peaks selected at R of 1.0-2.2 and 2.3-3.2Å, respectively. The 
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value of S0
2
 was set to 0.84 and determined by fixing the coordination number for Zn-O in 
aqueous Zn to 6 (Alcacio et al., 2001; Scheinost et al., 2002; Roberts et al., 2003). 
6.3 Results and Discussion 
6.3.1 Macroscopic Zn Adsorption 
 Figures 6.1and 6.2 show Zn adsorption in the presence and absence of ligands in the 
single goethite and mixed goethite-kaolinite mineral systems, respectively. In the absence of 
ligands, Zn adsorption was ~15% at pH 4.5 in both the single goethite and mixed goethite-
kaolinite mineral systems (Figures 6.1a and 6.2a). With increase in pH above 4.5, more Zn was 
adsorbed in the single mineral system than in the mixed. The largest difference in adsorption was 
at pH 6.5, where 27% more of Zn was adsorbed in the single than in the mixed mineral system. 
This may be due to the fact that the surface area and affinity of goethite for Zn adsorption is 
much higher than that of kaolinite.  
Wu et al. (2003) found that the adsorption capacity for Pb at pH 6.0 was much higher in 
goethite than in kaolinite, being 11.04 mg/g in the former and 0.91 mg/g in the latter. Nachtegaal 
and Sparks (2004) on the other hand, found that Zn had higher affinity for the goethite coated 
kaolinite than for either the kaolinite or goethite alone, possibly due to the formation of extra 
sorption sites created by goethite sorption onto kaolinite. Our system is different from that of 
Nachtegaal and Sparks (2004) in the sense that both goethite and kaolinite existed as adsorbing 
minerals rather than as iron oxide coatings on the kaolinite surface.  Differences in adsorption 
edges of the two mineral systems are evident, where it appears to be sigmoid in the goethite 
single mineral system despite the narrow pH range of this study. The mixed mineral system 
shows a different curvilinear adsorption edge, likely due to the presence of kaolinite in the 
system. 
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Figure 6.1 Zn adsorption in single mineral system (goethite) in the presence of citrate (a), PO4 
(b), HA (c), DFO-B (d) as a function of pH.(  ) Zn adsorption in the control, (   ) Zn adsorption in 
presence of ligand, (   ) adsorption of ligand. 
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Figure 6.2 Zn adsorption in mixed mineral system (goethite and kaolinite) in the presence of 
citrate (a), PO4 (b), HA (c), DFO-B (d) as a function of pH.(  ) Zn adsorption in the control, (   ) 
Zn adsorption in presence of ligand, (   ) adsorption of ligand. 
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The typical adsorption edges of metals adsorbed to oxide mineral surfaces are sigmoid 
and complete adsorption occurs within a narrow pH range (Angove et al., 1999). For example, 
Spathariotis and Kallianou (2007) found that Zn adsorption to goethite and to a goethite-kaolinite 
mixed system was complete in the pH range from 3.7 – 6.0. They postulated that the mixed 
system had obtained an oxide adsorption behavior. In our study, although the adsorption of Zn in 
the mixed system was lower than that of goethite, it was higher than in the single kaolinite 
system (data not available), indicating that adsorption was intermediate between the two single 
systems.  
Figures 6.1(a) and 6.2(a) show Zn adsorption in the presence of citrate in the single and 
mixed systems, respectively. It can be seen from the mixed system that Zn adsorption was 
reduced in the presence of citrate and that this reduction became more significant as pH 
increased (Figure 6.2a). In the single system, citrate reduced Zn adsorption at pH values higher 
than 5.5. At pH 4.5 however, Zn adsorption was higher in the presence of citrate by more than 
double (15% adsorption in the absence of citrate as compared to 38% in its presence). This may 
be due to the fact that at low pH, organic acids adsorb strongly to hydroxylated surfaces, which 
may enhance metal adsorption by either forming ternary complexes or by providing more 
negative surface charge.  
Davis and Leckie (1978) indicated that the functional groups of an adsorbed ligand may 
serve as new adsorption sites for metals and that these new sites may be more reactive than the 
isolated oxide surface. Buerge-Weirich et al. (2003) found that Cd adsorption to goethite was 
enhanced at acidic pH in the presence of pyromellitate due to ternary complex formation. In the 
mixed goethite-kaolinite system, no difference in Zn adsorption was observed at pH 4.5 in the 
presence or absence of citrate despite that the same quantity of citrate was adsorbed in this 
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system as in the single mineral system. It seems that citrate adsorption in the mixed mineral 
system had not provided extra negative surface charge or formed ternary complexes, which 
would have enhanced Zn adsorption.  
Citrate adsorption in the single system was consistent with anion adsorption where 
adsorption decreased with pH increase. The presence of considerable concentrations of citrate in 
solution indicates that the surface reaction sites in both systems were saturated with the anion, 
resulting in competition between soluble citrate and the mineral surface functional groups for Zn, 
which was more profound at higher pH. Similar results were found for Cd adsorption to goethite 
or kaolinite in the presence of organic acids (Liao, 2006). Wu et al. (2003) found that Pb 
adsorption onto goethite decreased with increasing concentrations of citric acid at pH of 6.0 and 
ionic strength of 0.02 M. However, it was found that with increase in pH and in the presence of 
60 mg/l of citric acid, Pb adsorption was not impacted.  
It is noticeable from both Figure s 6.1(a) and 6.2(a) that citrate adsorption was similar in 
both single and mixed mineral systems. Approximately 50% of citrate was adsorbed at pH 4.5 in 
both systems. Lackovic et al. (2003) however, reported that far more citric acid was adsorbed to 
goethite than to kaolinite across a pH range from 3 to 10. The gradual increase in citrate 
adsorption with pH decrease in the goethite system is a result of increase in surface positive 
charge below the PZC (8.1). Geelhoed et al. (1998) found that citrate adsorption to goethite 
decreased with pH increase upto PPZC, above which almost no citrate was adsorbed. Above the 
PPZC, both the citrate and goethite surface are negatively charged, whereas at pH values below 
PPZC, the surface of goethite becomes positively charged increasing citrate adsorption (Filius et 
al., 1997). Citrate is expected to reach an adsorption maximum with decreasing pH as it becomes 
protonated and its charge diminishes (Filius et al., 1997).  
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Citrate is adsorbed to the goethite surface by ligand exchange forming inner-sphere 
complexes, where the surface hydroxyl group is replaced with the adsorbed anion. Outer sphere 
complexes are assumed to be formed only with singly coordinated FeOH2 groups (Cornell and 
Schindler, 1980; Filius et al., 1997; Geelhoed et al., 1998).  
Low molecular weight ligands differ in terms of their impact on heavy metal adsorption 
to mineral surfaces depending on their ability to complex metals (formation constants with 
metals). Buerge-Weirich et al. (2003) found that oxalate decreased Cu and Ni adsorption to 
goethite at pH above 6.0 more than pyromelliate as a result of the former being a stronger 
complexant. Wu et al. (2003) showed that EDTA had a higher capacity to decrease Pb adsorption 
to goethite than citric acid as a result of the former being a stronger metal chelator than the latter. 
It was concluded that the stronger the chelator, the less Pb is adsorbed to goethite. Violante et al. 
(2003) indicated that the critical concentration of a low molecular weight organic ligand to 
prevent the adsorption of heavy metals is dependent on the chelating ability of ligand for a metal, 
pH, and sorbent surface properties. They also found that the sequence of addition of metal and 
ligand impacts metal adsorption. When tartrate was added before Pb, more Pb was adsorbed to 
mixed Fe/Al oxides than when Pb was added before or alone. They hypothesized that the added 
anion increased the surface negative charge and hence promoted Pb adsorption.   
Figures 6.1(b) and 6.2(b) show Zn adsorption to the single goethite and mixed goethite-
kaolinite mineral systems in the presence of PO4, respectively. In the single mineral system, PO4 
enhanced Zn adsorption only at pH 4.5 and 5.5, while no differences were observed at higher 
values. In the mixed system, PO4 enhanced Zn adsorption at all pH levels, but were highest at pH 
5.5 and 6.5 where 18 and 21% increases were recorded, respectively.  
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Enhanced adsorption of metals in the presence of PO4 has been reported by previous 
researchers. Venema et al. (1997) found that PO4 had a positive impact on Cd adsorption to 
goethite in the pH range from 4 to 8. Diaz-Barrientos (1990) found that for a given P 
concentration, the amount of Zn adsorbed to lepidocrocite (crystalline iron oxyhydroxide) 
increased with pH increase.  
Collins et al. (1999) reported enhanced adsorption of Cd onto goethite in the presence of 
PO4 at pH 5.0. They suggested that enhancement was due to electrostatic interaction, where the 
adsorption of PO4 reduced the overall positive charge of goethite. The PO4 anion has an effect on 
Cd adsorption similar to the effect of OH
-
 anion, i.e. decreasing the electrostatic potential near 
the surface (Venema et al., 1997).  Contrary to the findings of those studies, one report found 
reported that PO4 pretreatment of hematite suppressed the adsorption of Cd and Cu. It was 
concluded that suppression was a result of competition between the metals and PO4 for the 
≡FeOH adsorption sites (Li et al., 2006). 
Figures 6.1(b) and 6.2(b) show that PO4 adsorption in both mineral systems exhibited 
minimal pH dependency. In addition, the goethite system exhibited stronger affinity for PO4 than 
the mixed system. While almost complete adsorption of PO4 at all pH levels was evident in the 
single goethite system, adsorption in the mixed system exhibited a slight decrease from 77% to 
65% over the experimental pH range. The strong affinity of goethite for PO4 has been reported 
by Gao and Mucci 2001, who found 57% of PO4 to be adsorbed at pH 4.0. Venema et al. (1997) 
reported low pH dependency of PO4 adsorption onto goethite with the experimental pH range of 
3-10.  Even at high ionic strength of 0.7M NaCl, Gao and Mucci (2001) found that pH had little 
effect on PO4 adsorption at pH <6.5, above which pH dependency became evident. They 
indicated that the fraction of PO4 adsorbed was not an intrinsic property of goethite, but a 
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function of the solid/solution ratio. At pH values higher than presented here, PO4 adsorption is 
expected to decrease as a result of competition between the PO4 and OH
-
 anions for adsorption 
sites (Chitrakar et al., 2006).           
PO4 anions are adsorbed to the mineral surface forming inner sphere or outer sphere 
complexes with the positively charged surface functional groups. Outer sphere and inner sphere 
complexation can be represented as follows, respectively (Mustafa et al., 2008):  
≡Fe – OH + HxPO4
-3+x
 + H2O ↔ ≡Fe – OH2
+ ….. 
HxPO4
-3+x
 + OH
-
  
≡Fe – OH + HxPO4
-3+x
 ↔ ≡Fe – HxPO4
-3+x
 + OH
-
  
Figures 6.1(c) and 6.2(c) show Zn adsorption in the presence of HA in the single and 
mixed systems, respectively. It can be seen that Zn adsorption was not impacted by the presence 
of HA in the single system, whereas it slightly increased in the mixed system. In the latter, Zn 
adsorption increased by 8, 13, 15, and 6% at pH 4.5 to 7.5, respectively. These results deviated 
from the general consensus that HA enhances the adsorption of metals to oxide surfaces, 
especially at low pH. Lai et al. (2002) reported enhanced adsorption of Cd to goethite in the 
presence of HA over the pH range from 2-6. Arias et al. (2002) reported enhanced adsorption of 
Cd and Cu onto kaolinite in the presence of HA. However, studies have shown that the role of 
HA on metal adsorption may deviate from the general consensus. Zuyi et al. (2000) reported that 
fulvic acid did not impact the adsorption of Zn to Al2O3 at pH< 7. They concluded that the effect 
of humic substances on metal sorption was dependent on the nature of both the oxide and humic 
substance. Lai et al. (2002) reported that HA may bind directly to the iron oxide and block the 
metal adsorption sites, which may decrease metal adsorption to the mineral surface.  
Despite that Zn adsorption was not substantially enhanced in our study, HA adsorption 
was high in both mineral systems and at all pH levels. HA adsorption was similar in both mineral 
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systems at all pH levels, where ~93% of HA was adsorbed at pH 4.5 and ~85% adsorbed at pH 
7.5 (Figures 6.1c and 6.2c). HA adsorption to variable charged surfaces is expected to follow the 
anion exchange or electrostatic interaction mechanism, where the negatively charged HA is 
adsorbed to the positively charged mineral surface (Lai et al., 2002).  
Figures 6.1(d) and 6.2(d) show Zn adsorption in the presence of DFO-B in the single and 
mixed mineral systems, respectively. In the mixed system, Zn adsorption was not impacted at pH 
6.5 and below, whereas at pH 7.5 adsorption decreased by 30%. In the single system, Zn 
adsorption increased by ~10% at pH 4.5 and 5.5 and decreased by 15% at pH 7.5.   
The Figure s also show that DFO-B adsorption slightly increased with pH in both mineral 
systems. These results are in agreement with Rosenberg and Maurice (2003) who reported that 
the adsorption of DFO-B on kaolinite was consistent with cation adsorption, where DFO-B 
adsorption increased above the pHPZC of kaolinite. Within the pH range of this study, DFO-B 
adsorption increased from 0 to 17% and from 3 to 26% in the mixed and single systems, 
respectively. It seems that goethite had higher affinity for DFO-B than kaolinite. In a previous 
study, we found that DFO-B hindered metal adsorption to kaolinite at the same pH range (data 
not shown). Contrary to our findings, other researchers have indicated that kaolinite had higher 
affinity for DFO-B than goethite (Rosenberg and Maurice, 2003).    
 
6.3.2     EXAFS Data Analysis 
6.3.2.1  First Shell Coordination 
Figures 6.3 and 6.4 show the normalized k
3
 weighted EXAFS spectra (a), corresponding 
Fourier transforms (b) and Fourier back transformed spectra (c) for Zn adsorption to the mixed 
goethite-kaolinite system at pH 5.5 and 7.5, respectively. Table 6.1 shows the structural 
parameters derived from EXAFS data fitting for the mixed mineral system. As evident by the 
147 
 
Zn-O radial distance and first shell coordination number (N), Zn formed tetrahedral coordination 
with first shell oxygen atoms at both pH values and in all the sorption samples investigated. The 
Zn-O radial distance for compounds in which Zn forms tetrahedral coordination with oxygen 
ranges from 1.92 to 1.99ºA. Typical values for octahedral compounds range from 2.02 to 2.12 ºA 
(Robert et al., 2003).  
Zn may form either tetrahedral or octahedral coordination with first shell oxygen atoms 
(Roberts et al., 2003). With increase in pH, studies have shown that Zn exhibits a first shell 
coordination transition from octahedral to tetrahedral upon adsorption to oxide mineral surfaces. 
Bochatay and Persson (2000) found that upon adsorption to manganite, Zn(II) switched 
coordinations at the surface from a mixture of tetrahedral and octahedral at neutral pH to 
predominantly tetrahedral at high pH. In addition, Roberts et al. (2003) reported that Zn adsorbed 
to silica exhibited a transition in first shell coordination from octahedral to tetrahedral with 
increase in pH. Our results show that a transition was not evident as tetrahedral coordination was 
dominant at both low and high pH levels. Nachtegaal and Sparks (2004) studied Zn adsorption to 
goethite and kaolinite and reported octahedral coordination at pH 5.0 and 7.0. Octahedral 
coordination was also dominant in the goethie-kaolinite mixture of their study. The differences in 
reported results may be due to differences in surface loading, which also plays a role in the form 
of first shell coordination spheres.  
6.3.2.2 Second Shell Coordination  
 Control 
The RSFs for the control sample at pH 5.5 and 7.5 displayed in Figure s 6.3 (b) and 6.4 
(b) show second and third shells at 2.6 and 3.1 Å (uncorrected for phase shift). Fitting results in 
Table 6.1 show that the binding mechanisms remained the same at both pH levels, as evident by 
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similarity in radial distances for the second and third shells at both pH levels. Fe and Zn have 
similar phase and amplitude functions which makes it difficult to determine if the second shell 
backscattering contribution comes from Fe or Zn (Waychunas et al., 2002; Lee and Anderson, 
2005).  
Assuming that the third shell backscattering was due to Zn atoms, the Zn-Zn/Fe 
interatomic distances would be consistent with tetrahedral Zn hydroxide phases such as γ-
Zn(OH)2 and ε-Zn(OH)2, where reported values range from 3.30-3.36Å for the former and 3.40-
3.46 Å for the latter (Bochatay and Persson, 2000; Lee and Anderson, 2005). Attributing the 
second shell to Zn backscattering is assuming that a large portion of Zn was polymerized or had 
precipitated, which seems unlikely specifically at pH 5.5. It is therefore more likely that the third 
shell resulted from Fe backscattering. The Zn-Fe radial distance of 3.39 and 3.44Å are consistent 
with ZnO4 tetrahedra forming double corner sharing linkages with FeO6 octahedra of goethite. 
Waychunas et al. (2002) reported a Zn-Fe distance of 3.45 Å for Zn forming corner sharing 
bidentate linkages with ferrihydrite. The Zn-Fe radial distance of 3.39Å for the pH 5.5 sample is 
smaller than typical values for corner sharing linkages.  
Table 6.1 shows that the second shell was a result of Al backscattering and pH did not 
impact the Zn-Al radial distance, i.e adsorption mechanism. The Zn-Al radial distances of 2.98 
and 3.0Å would imply ZnO4 tetrahedra forming edge sharing complexes with kaolinite. Based on 
the Al-O distance of 1.93Å for the kaolinite structure (Vasconcelos et al., 2008) and Zn-O 
distance of 1.96 Å (this study), the edge sharing geometry would suggest a Zn-Al distance of 
2.75Å assuming an Al-O-Zn angle of 90°. It is therefore unlikely that these linkages are corner 
sharing bidentate due to steric constraints (Trainor et al., 2000).  
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Figure 6.3 k
3
-weighted χ(k) of Zn adsorbed to mixed mineral system (goethite-kaolinite) at pH 
5.5 (a), their respective Fourier transforms (b), and inverse Fourier transforms (c). The solid lines 
represent the raw spectra and the dotted lines represent best fits.  
2 4 6 8 10
Control
Citrate
PO4
HA
DFO-B
a
0 1 2 3 4 5 6
Control
Citrate
PO4
HA
DFO-B
b
2 4 6 8 10 12
Control
Citrate
PO4
HA
DFO-B
c
150 
 
 
Figure 6.4 k
3
-weighted χ(k) of Zn adsorbed to mixed mineral system (goethite-kaolinite) at pH 
7.5 (a), their respective Fourier transforms (b), and inverse Fourier transforms (c). The solid lines 
represent the raw spectra and the dotted lines represent best fits.  
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Table 6.1 Structural parameters for Zn sorbed on goethite-kaolinite in the presence and absence 
of ligands derived from EXAFS spectral data analysis. 
 pH 5.5  pH 7.5 
Ligand Shell N R(Å) ζ2(Å2)  Shell N R(Å) ζ2(Å2) 
Control Zn-O 4.88 1.96 0.009  Zn-O 4.45 1.96 0.00 
 Zn-Al 0.64 2.98 0.001  Zn-Al 1.06 3.00 0.001 
 Zn-Fe/Zn 0.44 3.39 0.001  Zn-Fe/Zn 1.26 3.44 0.001 
Citrate Zn-O 4.90 1.93 0.008  Zn-O 4.17 1.96 0.008 
 Zn-C 1.80 2.67 0.008  Zn-C 1.38 3.03 0.001 
 Zn-Fe/Zn 0.80 3.08 0.001  Zn-Fe/Zn 1.92 3.43 0.020 
PO4 Zn-O 4.81 1.96 0.008  Zn-O 4.57 1.91 0.008 
 Zn-Zn/Fe 1.51 3.64 0.007  Zn-Zn/Fe 2.18 3.61 0.011 
HA Zn-O 4.81 1.99 0.007  Zn-O 4.02 1.96 0.008 
 Zn-Al 0.98 3.08 0.001  Zn-Al 1.08 3.10 0.005 
 Zn-Fe\Zn 2.11 3.61 0.01  Zn-Fe 2.51 3.62 0.006 
DFO-B Zn-O 4.19 1.99 0.004  Zn-O 4.69 1.96 0.007 
 Zn-C 1.62 2.69 0.003  Zn-C 2.85 2.72 0.003 
 Zn-Fe/Zn 0.61 3.03 0.003  Zn-Fe/Zn 0.71 3.10 0.005 
N = coordination number, R = radial distance (Ǻ), ζ2 = Debye-Waller factor (Ǻ-2).The 
uncertainties in N are estimated to be 30%. Variations in R are estimated to be 0.03 for all shells. 
 
It can be concluded from the fitting results that in the absence of ligands and at both pH 
levels, Zn formed inner sphere complexes with goethite and kaolinite surface functional groups. 
At both pH levels, Zn formed edge sharing linkages with kaolinite and corner sharing linkages 
with goethite. The formation of inner sphere complexes at low pH has been confirmed by other 
researchers.  
Nachtegaal and Sparks (2004) studied Zn adsorption to goethite coated kaolinite and 
found that at pH 5.0, Zn formed inner sphere complexes with both kaolinite and goethite surface 
functional groups. Gräfe et al. (2007) on the other hand, found that Cd(II) formed outer sphere 
complexes with kaolinite at pH 6.0 and concluded that the Si tetrahedral sheet of kaolinite 
hindered Cd adsorption to the Al octahedral sheet. Inner sphere complexation with goethite can 
be explained by the fact that the pH range of this study is below the PZC of goethite (8.1), which 
means that both Zn ions and the goethite surface were positively charged. Zn adsorption 
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therefore would not occur as a result of electrostatic interaction, but as a result of non-columbic, 
specific interactions (Vermeer et al., 1999; Lai et al., 2002).   
 Citrate 
The RSF for the citrate sample at pH 5.5 shows two peaks at 2.8 and 3.2 Å (uncorrected 
for phase shift) (Figure  6.3 b). At pH 7.5, the second and third shells were located at 2.4 and 3.2 
Å (uncorrected for phase shift), respectively (Figure 6.4 b). Fitting results in Table 6.1 show that 
Zn formed inner sphere complexes with goethite at both pH levels. The higher shells at pH 5.5 
were fit with 1.8 C and 0.8 Fe/Zn atoms at interatomic distances of 2.67 and 3.08 Å, 
respectively. At pH 7.5 however, fitting results revealed 1.38 C and 1.92 Fe/Zn atoms at 
interatomic distances of 3.03 and 3.43 Å, respectively. In a previous study on kaolinite, we found 
that citrate suppressed the adsorption of Zn to kaolinite at pH > 5.5. Therefore, the absence of Al 
backscattering contribution in the results presented here coincides well with our previous results.  
Various studies have shown that Zn forms outer sphere complexes with goethite in the 
presence of low molecular weight organic acids. Schlegel et al. (1997) found that the structure of 
ZnEDTA was preserved during adsorption to goethite, precluding a ligand exchange sorption 
mechanism, i.e. inner sphere complex formation. Collins et al. (1999) found outer sphere 
complexation of Zn citrate with the goethite surface and concluded that a Cd citrate precipitate 
had formed at pH 5.4. Ha et al. (2009) reported ternary A complex formation of Zn with hematite 
in the presence of oxalate, without ruling out the possibility of formation of Zn oxalate 
precipitates as EXAFS analysis is unable to distinguish between inner and outer sphere 
complexation in such cases. Similarly, although Zn formed inner sphere complexes with goethite 
in this study, the formation of Zn citrate precipitate is also possible, especially that the second 
shell was a result of C backscattering.  
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The Zn-Zn/Fe radial distance of 3.08 Å at pH 5.5 (Table 6.1) is consistent with ZnO4 
forming edge sharing bidentate linkages with goethite. Although the Zn-Zn/Fe radial distance of 
3.43 Å at pH 7.5 (Table 6.2) is consistent with that of Zn-Zn in corner sharing ε-Zn(OH)2 
(reported values range from 3.40-3.46 Å), Zn polymerization and precipitate formation is 
unlikely to dominate in the presence of citrate, hence excluding Zn as a possible backscatterer. If 
we assume that backscattering was due to Fe rather than Zn atoms, the Zn-Fe distance of 3.43 Å 
is consistent with ZnO4 forming corner-sharing bridging bidentate complex (Trainor et al., 
2000).  
 Phosphate (PO4) 
The RFSs for the PO4 sample at pH 5.5 and 7.5 displayed in Figures 6.3 (b) and 6.4 (b) 
show a second shell at 3.1 Å (uncorrected for phase shift). Fitting results in Table 6.1 show that 
the second shell was best fit with Zn/Fe atoms at 3.64 and 3.61 Å for the pH 5.5 and 7.5 samples, 
respectively. These distances are consistent with ZnO4 tetrahedra forming bidentate corner 
sharing complexes with FeO6 octahedra of goethite. These results are consistent with those 
reported by Collins et al. (1999), where Cd formed a bidentate double corner sharing complexes 
with goethite in the presence of PO4.     
 Humic Acid (HA) 
The RSFs for the HA sample at pH 5.5 and 7.5 displayed in Figures 6.3 (b) and 6.4 (b) 
show two peaks at 2.8 and ~3.3Å (uncorrected for phase shift). Fitting results in Table 6.1 show 
that the binding mechanisms remained the same at both pH levels, as evident by similarity in 
radial distances for the second and third shells at both pH levels. At both pH levels, the third 
shell was best fit with Fe/Zn atoms at interatomic distance of 3.6 Å, consistent with ZnO4 
tetrahdera forming corner sharing linkages with FeO6 of goethite. Adsorption data in the 
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presence of HA indicated that the amount of Zn adsorbed in the mixed system was intermediate 
between that of the single kaolinite and goethite mineral systems. The Zn-Al radial distances of 
3.08 and 3.10Å indicate edge sharing linkages with kaolinite. Assuming an Al-O distance of 
1.93Å in kaolinite (Vasconcelos et al., 2008) and a Zn-O distance of 1.99, the Zn-O-Al bond 
angle would be ~106° implying an edge sharing linkage. Corner sharing linkage is not expected 
to produce such a small angle due to steric constraints.    
 Siderophore (DFO-B) 
The RSFs for the DFO-B sorption samples (Figures 6.3b and 6.4b) show second and third 
shell features at 2.2 and 2.7Å (uncorrected for phase shift). Fitting results in Table 6.1 show that 
the second and third shell backscattering atoms were C and Fe. The Zn-Fe radial distance of 3.03 
for the sorption sample at pH 5.5 suggests edge sharing linkages with goethite. For corner 
sharing linkages to produce a small radial distance of 3.03 Å, the Al-O-Zn angle would have to 
be <105° giving rise to strong repulsion (Bochatay and Persson, 2000; Trainor et al., 2000). For 
the slightly longer radial distance of 3.10 Å (pH 7.5 sample), the Zn-O-Al angle would be <107°, 
also implying edge sharing linkage. Ha et al. (2009) reported that Zn-Fe radial distances of 3.10-
3.12 Å were consistent with Zn forming edge sharing linkages with hematite. It can be concluded 
that in the presence of DFO-B, Zn formed inner sphere edge-sharing bidentate complexes with 
goethite at both pH 5.5 and 7.5.    
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 CHAPTER 7 
XAFS SPECTROSCOPIC INVESTIGATION OF ZINC ADSORPTION TO 
MONTMORILLONITE  
7.1 Introduction 
Zinc (Zn) adsorption to clay minerals such as montmorillonite controls its availability and 
transport in the soil environment. Zn may adsorb to the permanently charged sites of 
montmorillonite by weak electrostatic interaction forming an outer sphere complex and to the 
edge sites forming an inner sphere complex (Kaya and Ören, 2005). The type of complex formed 
impacts the fate of Zn in the soil, as outer sphere complexes are weak and reversible and inner 
sphere complexes are strong and usually irreversible (Schlegel et al., 2001). In addition to 
formation of inner and outer sphere complexes, Zn may be sequestered into a precipitate phase 
such as a mixed Zn-Al layered double hydroxide (Zn-Al LDH) or Zn phyllosilicate phase (Ford 
and Sparks, 2000). These precipitate phases are known to occur in phyllosilicates and Al oxide 
minerals at neutral pH.  Another type of layered Zn phase may form under acidic conditions 
when Zn enters the Al-hydroxy (Al-OH) interlayers of clay minerals (Scheinost et al. 2002; 
Voegelin et al. 2005). What all these phases share in common is the incorporation of Zn into 
octahedral sheets of layered minerals (Voegelin et al., 2005). Release of Al and Si from clay 
mineral weathering controls metal precipitate formation and transformation (Ford et al., 1999). 
Voegelin et al. (2005) indicated that the availability of Al and Si favor the formation of Zn-LDH 
and that their supply is controlled by the dissolution of primary and secondary minerals 
(Voegelin et al., 2005). Zn-Al LDH formation was reported in montmorillonite (Lee et al., 2004), 
kaolinite (Nachtegaal and Sparks, 2004), gibbsite (Roberts et al., 2003), and alumina (Trainor et 
al., 2000). Studies have confirmed the formation of Zn-Al LDH and Zn-phyllosilicate phases in 
contaminated soils (Voegelin et al., 2005).  
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Phosphate is ubiquitous in the soil environment and originating from natural weathering 
and anthropogenic activites such as mining, ore processing, and fertilization. It is of 
environmental concern as its release into surface waters results in eutrophication (Gao and 
Mucci, 2001). Phosphate adsorption to phyllosilicate clay minerals involves two steps; the first is 
an initial rapid stage complete within 24 hours and a slow step that continues for weeks. The 
former is significant under neutral to alkaline pH conditions, whereas the latter is significant 
under acidic conditions (Edzwald et al., 1976). Zn adsorption to iron oxide surfaces has been 
reported to increase in the presence of phosphate due to increase in negative charge of the inner 
Helmholtz plane (Diaz-Barrientos et al., 1990). Pretreatment of phyllosilicates with phosphate 
has been shown to enhance the adsorption of various heavy metals such as Cd and Pb.  
X-Ray Absorption Fine Structure (XAFS) Spectroscopy is a valuable tool that allows 
probing of the local coordination environment of Zn. Although there are abundant studies that 
have investigated Zn adsorption to clay minerals at the molecular level using XAFS 
spectroscopy, the impact of phosphate on Zn adsorption has not been investigated at the 
molecular level. The objectives of this study are to elucidate the adsorption mechanisms of Zn to 
montmorillonite in the presence of levels of phosphate at pH 7.0, and to investigate the impact of 
reaction time on adsorption mechanisms.          
7.2 Material and Methods 
7.2.1 Preparation of Montmorillonite 
Montmorillonite used in this study was the Na-rich Wyoming montmorillonite (Swy-2) 
obtained from the Clay Minerals Society (Moll, 2001). The <2 μm fraction was obtained by 
sedimentation according to Stokes law. To ensure that montmorillonite was void of impurities, a 
purification process was used to remove carbonates, iron oxides, and organic matter. Carbonate 
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removal was conducted using the method of Jackson (1956) in which Swy-2 was heated in 
sodium acetate (pH 5.0) at 95ºC for 30 minutes. Swy-2 was then washed with 1M NaCl three 
times to remove acetate.  Iron removal was conducted using the citrate-bicarbonate-dithionite 
method described by Aguilera and Jackson (1953). Afterwards, Swy-2 was washed 4 times via 
centrifugation with a solution of 0.025 M HCl and 0.5 M NaCl (Ammann, 2003). Organic matter 
was removed by heating  in 3% H2O2 at 50ºC for 1 hour, then heating at 70ºC to destroy 
remaining H2O2 (Schlegel et al., 1998). Swy-2 was then washed 5 times with 1 M NaCl and 
washed again with deionized water to remove excess salt (Janssen et al., 1997; Nachtegaal and 
Sparks, 2003). Swy-2 was dialyzed against double deionized water until no Cl
-
 remained as 
tested by AgNO3. Dialysis bags were pretreated by boiling in a 2% NaHCO3 and 1 mM EDTA 
solution and washed with deionized water to remove contaminating minerals and 
polysaccharides (Morillo et al., 2006). The purified kaolinite was then freeze dried, ground and 
sieved prior to use. The 5 point N2-BET surface area for montmorillonite in this study was found 
to be 40 m
2
/g. The reported pH at point zero charge (PZC) for Swy-2 ranges from 7.5 to 8.5 (Lee 
et al., 2004). 
7.2.2 Zn Adsorption Experiment 
Adsorption experiment was conducted in 250 ml centrifuge tubes under continuous 
purging of ultra pure N2 gas. The experimental setup included four phosphate concentrations (0, 
0.05, 0.2, and 0.5 mM), initial Zn concentration of 1.0 mM, Swy-2 concentration of 10g/l, 
background electrolyte of 0.1 M NaNO3, pH 7.0, and two replications. Suspensions of Swy-2 
were equilibrated for 24 hrs in background electrolyte under constant shaking. Then, necessary 
amounts of phosphate were added from a 5 mM NaH2PO4 stock solution to achieve initial 
phosphate concentrations of 0, 0.05, 0.2, and 0.5 mM. The suspensions were allowed to react for 
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1 hour under constant shaking. Then, necessary amounts of Zn were added in small increments 
of 100-µl from an acidified Zn(NO3)2 stock solution to each of the centrifuge tubes. The pH was 
adjusted to its value of 7.0 using 0.1 M of either HNO3 or NaOH (pre-purged with N2). The final 
volume was completed and the samples were placed on a shaker. Aliquots of 20 ml were then 
extracted from the centrifuge tubes after 4hrs and continued over a period of 6 months. The pH 
was continuously monitored (under N2 purging) and adjusted so that values exhibited minimal 
fluctuations. The solid was separated from the solution by centrifugation and the solution was 
filtered using 0.4 μM filters. Soluble concentrations of Zn, P, Si and Al were determined using 
ICP-AES (Spectro). The amounts of Zn and phosphate adsorbed were determined by the 
difference in initial and final concentrations in solution. The solid portion was stored as a paste at 
4ºC until use for XAFS spectroscopy analysis. 
7.3 Results and Discussion 
7.3.1 Effect of Phosphate on Zinc Adsorption 
Figure 7.1a shows Zn adsorption to montmorillonite in the presence of various 
concentrations of phosphate as a function of time. It can be seen that the presence of phosphate at 
concentrations higher than 0.05 mM enhanced Zn adsorption to montmorillonite. In comparison 
with the control, the presence of 0.2 mM phosphate increased Zn adsorption by 7 and 23% after 
4 hours and 6 months, respectively. The presence of 0.5 mM phosphate increased Zn adsorption 
by ~23% after 4 hours and 6 months adsorption. At each of the phosphate concentration levels, 
Zn adsorption increased with time, where increases of ~9% were observed with increase in 
reaction time upto 6 months for all samples. Continued adsorption of Zn to montmorillonite over 
long periods may be due to the replacement of Na
+
 ions by Zn on the outer surface or interlayers 
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of montmorillonite (Kaya and Ören, 2005). Figure 7.1b shows phosphate adsorption to 
montmorillonite as a function of time.  
 
Figure 7.1 Zn adsorption to montmorillonite in the presence of PO4 as a function of time (a), PO4 
adsorption to montmorillonite as a function of time (b).  
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It can be seen that more than 95% of phosphate was adsorbed to montmorillonite at all 
concentrations and at any given reaction time. Phosphate-treated kaolinite was found to enhance 
the adsorption of Pb and Cd to kaolinite (Adebowale et al., 2006). Increasing concentrations of 
phosphate on an iron oxide (lepidocrocite) strongly enhanced the adsorption of Zn to the mineral 
surface. It was concluded that indicated that the specific adsorption of phosphate causes increase 
in negative charge of the inner Helmholtz plane, having a positive effect of cation adsorption 
(Diaz-Barrientos et al., 1990). Phosphate was found to enhance Cd adsorption to goethite by 
reducing pHpzc and surface potential (Wang and Xing, 2002).  
7.3.2 X-Ray Absorption Fine Structure Spectroscopy 
7.3.2.1 EXAFS Data Analysis of Zn Model Compounds 
Figure 7.2 (a-c) shows Zn K-edge XANES spectra, k
3
-weighted χ(k)spectra and their 
respective Radial Structural Functions (RSF) for Zn model compounds. Data analysis obtained 
from fitting the backtransformed χ spectra are shown in table 7.1. Aqueous Zn is a compound in 
which Zn forms a single coordination shell with six oxygen atoms representing an outer sphere 
complex of octahedral coordination. The χ(k)spectrum for this compound shows that the 
amplitude decreases monotonically with k(Å), characteristic of outer sphere complexes 
(Nachtegaal and Sparks, 2004). The RSF shows outer sphere complexation as evident by the 
absence of a second coordination shell (Figure 7.2 c). The second Zn model compound chosen 
was Zn-Al Layered Double Hydroxide (Zn-Al LDH) which represents a precipitate phase that 
may form on the surface of phyllosilicate minerals. Zn here is incorporated in the octahedral 
sheets of layered minerals (Voegelin et al., 2005). Characteristic features of Zn-Al LDH include 
a shoulder at 9680 eV in its XANES spectrum, a split in χ(k) spectrum at ~8Å, and a second shell 
at 2.4Å in its RSF (figure 7.2 a-c).  
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Figure 7.2 Zn K-edge XANES spectra (a), k
3
-weighted χ(k)spectra (b), and their respective 
Fourier transforms (c) for Zn model compounds. The solid lines represent the raw spectra and the 
dotted lines represent best fits.  
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Zn3(PO4)2 was included in the model compounds to investigate the formation of Zn-PO4 
precipitates. Its characteristic XANES features include a small drop in absorption after the edge 
and a shoulder at 9672eV (Figure 7.2a).  
Table 7.1 Structural parameters for Zn reference compounds derived from EXAFS spectral data 
analysis 
Compound Shell N R(Å) ζ2(Å2) 
     
Zn
+2
(aq) Zn-O 5.77 2.07 0.012 
     Zn-LDH Zn-O 6.63 2.03 0.010 
 
Zn-Zn 4.63 3.06 0.012 
 
Zn-Al 2.18 3.05 0.012 
     Zn3(PO4)2 Zn-O 4.09 1.96 0.006 
 
Zn-P 2.32 3.11 0.003 
 
Zn-Zn 4.96 3.26 0.008 
     ZnO Zn-O 3.27 1.95 0.008 
  Zn-Zn 12.41 3.23 0.012 
 
7.3.2.2 EXAFS Data Analysis of Sorption Samples 
Figure 7.3 shows the Zn-edge K-spectra, normalized k
3
-weighted EXAFS spectra, and the 
corresponding Fourier transformed Radial Structural Functions (RSF) (uncorrected for phase 
shifts) for samples of Zn adsorption to montmorillonite in the presence of phosphate at pH 7.5. 
Data analysis obtained from fitting the backtransformed χ spectra are shown in Table 7.2.  
The Table shows that Zn adsorbed to Swy-2 forming outer sphere complexes in all sorption 
samples regardless of reaction time or phosphate levels. This is evident in the RSF for the 
sorption samples shown in Figure 7.3c where a single coordination shell is present. The only 
structural differences that were found among the samples were in the first neighbor coordination 
shell.  
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Figure 7.3 Zn K-edge XANES spectra (a),and k
3
-weighted χ(k)spectra (b) for Zn adsorption 
samples.  
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Figure 7.3 Con‘d (c) Fourier transforms for Zn adsorption samples.  
 
 
Zn may form tetrahedral or octahedral coordination with first shell oxygen atoms (Roberts et al., 
2003). It can be seen from Table 7.2 that Zn formed octahedral coordination with first neighbor 
atoms in the absence of phosphate after 24 and 864 hours of adsorption as evident by the Zn-O 
radial distance of ~2.03 and coordination numbers 5.52 and 6.35, respectively. Characteristic Zn-
O radial distances for tetrahedral and octahedral coordination range from 1.92 to 1.99Å and from 
2.02 to 2.12Å, respectively (Roberts et al., 2003). For the same control sample after 4320 hours 
of adsorption, the radial distance slightly decreased to 1.99Å, which may hint to the formation of 
a mixture of octahedral and tetrahedral coordination spheres on the surface of montmorillonite. 
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Pan et al. (2004) reported that Zn was adsorbed to manganite in a mixture of tetrahedral and 
octahedral coordination at an average radial distance of 2.0Å. Formation of octahedral 
coordination with first shell oxygen atoms in the control is consistent with previous research on 
Zn adsorption to phyllosilicates. Zn forms octahedral coordination upon adsorption to 
montmorillonite (Lee et al., 2004), kaolinite (Nachtegaal and Sparks, 2004), pyrophyllite (Ford 
and Sparks, 2000), and hectorite (Schlegel et al., 2001). Tetrahedral coordination was reported to 
occur upon adsorption to oxide mineral surfaces such as ferrihydrite (Waychunas et al., 2002), 
goethite, and alumina powders (Trainor et al., 2000). 
Table 7.2 Structural parameters for Zn adsorption to montmorillonite in the presence of PO4 
derived from EXAFS spectral data analysis 
 
PO4  
concentration 
(mM) 
 
Adsorption 
time 
(hours) 
  
Zn - O  
 
  
N R(Å) ζ2(Å2) 
       0 
 
24 
 
5.52 2.02 0.004 
0 
 
864 
 
6.35 2.03 0.004 
0 
 
4320 
 
5.27 1.99 0.011 
0.05 
 
24 
 
4.72 1.99 0.008 
0.05 
 
864 
 
5.86 1.94 0.017 
0.05 
 
4320 
 
5.49 1.99 0.015 
0.20 
 
24 
 
4.64 1.93 0.008 
0.20 
 
864 
 
4.90 1.97 0.013 
0.20 
 
4320 
 
4.70 1.95 0.010 
0.50 
 
24 
 
5.41 2.05 0.007 
0.50 
 
4320 
 
3.77 1.96 0.007 
N = coordination number, R = radial distance (Ǻ), ζ2 = Debye-Waller factor (Ǻ-2). The 
uncertainties in N are estimated to be 30%. Variations in R are estimated to be 0.03 for all shells. 
 
There are several scenarios that may occur under the experimental conditions of this 
study. In terms of adsorption, Zn may form inner or outer sphere complexes, or a combination of 
both. In case of inner sphere complexation, a Zn polynuclear complex or surface precipitate may 
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also form. In addition to adsorption and surface precipitation, Zn may be incorporated into the 
octahedral sheet of montmorillonite, forming a Zn-Al LDH. The absence of a second 
coordination shell in any of the samples rules out the formation of inner sphere, Zn 
polymerization, or LDH formation. The absence of diagnostic spectral features provides further 
evidence for the absence of these sorption mechanisms. For the Zn-Al LDH model compound 
shown in Figure 7.2, a peak is present at 9680eV in its XANES spectrum, a split in the 
oscillation of its χ spectrum at ~8Å-1, and a second shell at 2.4Å (uncorrected for phase shift). 
For the sorption samples in Figure 7.3, the XANES spectra show a small peak at 9677eV that 
resembles that of aqueous Zn (Figure 7.2a). In addition, the χ spectra of sorption samples do not 
exhibit structural information that would hint to the formation of a LDH such as the split in 
oscillation at ~8Å
-1
. Most importantly, the Fourier transforms for the sorption samples do not 
exhibit a second shell which would rule out Zn-Al LDH formation, inner sphere complexation, 
or Zn polymerization. In fact, the χ spectra for most of the sorption samples exhibit a drastic 
decrease in amplitude with k, similar to that of outer sphere aqueous Zn model compound.    
The absence of inner sphere complexation may be supported by existing research. Lee et 
al. (2004) used similar experimental conditions as presented here and found that Zn formed 
polynuclear complexes upon adsorption to montmorillonite in the first 11 days of adsorption. 
After 20 days adsorption, a Zn phyllosilicate like phase has formed. What supports the results 
presented here is that inner sphere complexes were absent in their study for the first 11-20 days. 
Schlegel et al. (2001) reported that Zn was initially adsorbed as outer sphere complexes on the 
interlayer sites of hectorite and then migrated to the layer edges forming inner sphere complexes.  
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CHAPTER 8 
EFFECT OF ORGANIC MATTER OXIDATION ON THE FRACTIONATION OF 
COPPER, ARSENIC, ZINC, AND LEAD IN SEWAGE SLUDGE AND AMENDED 
SOILS 
8.1 Introduction 
Sewage sludge (SS) has been used as a soil fertilizer due to its high organic matter (OM) 
content, low C/N ratio, and richness in nutrients such as N and P (Adani and Tambone, 2005). In 
addition to fertility value for arable farming, application of SS to soils is an economically and 
environmentally sound alternative to landfill disposal and incineration (Stacey et al., 2001). One 
of the major concerns of continued land application of SS is increased trace metal concentration 
in soil and uptake by plants. Due to the presence of chemically active surfaces in SS such as OM, 
Fe/Mn oxides, and calcium carbonates, addition of SS to soil is not a simple addition of trace 
metals to soils. Metals added to soils as constituents of biosolids are generally less 
phytoavailable than the addition of metal salts alone to soils (Hettiarchchi et al., 2003).  
The phases responsible for the hindering of metal availability in biosolid-amended soils 
remains, however, disputed (Li et al., 2001). While some studies have postulated that it is the 
organic fraction of biosolids that plays this role of reduced metal phytoavailability, other studies 
have indicated that the inorganic surfaces added to biosolids during SS processing are the 
responsible phases (Hettiarachchi et al., 2006; Li et al., 2001). This uncertainty has led to a 
controversy over the consequences of long term application of biosolids. If the organic fraction 
was the responsible phase for reduced metal bioavailability, then the long term application of 
biosolids would result in the release of heavy metals into the soil due to OM mineralization, also 
known as the ―Time Bomb‖ (TB) hypothesis (Bergkvist et al., 2005; Hettiarachichi et al., 2006; 
Li et al., 2001; McBride, 1995, 2003). If on the other hand, it were the inorganic fractions of 
biosolids (amorphous Fe and Mn oxides, carbonates, phosphates) that were responsible for the 
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reduced availability of metals, then the long term application of biosolids would present no 
hazard, due to the high adsorptive capacity of these phases. This is known as the ―Protection‖ 
(PT) hypothesis (Frost et al., 2000; McBride 1995, 2003). As a matter of fact, legislative 
standards for sludge use in the United States partly depend on this PT hypothesis (Bergkvist et 
al., 2005). To date, the long term fate of metals from biosolid application is still not understood 
(Bergkvist and Jarvis 2004; Bergkvist et al., 2005; Hettiarachchi et al., 2006; Li et al., 2001). 
Various studies have investigated trace metal availability in SS as a result of OM 
degradation. In an aging study of biosolids, Stacey et al. (2001) found that SS decomposition did 
result in the release of Zn and Cd to plant available pools. In contrast,  Hettiarachchi et al. (2006) 
used μ-XANES and μ-XRF to identify Fe and Mn oxides associated with metals before and after 
the removal of OM from SS, and showed that even if metals were associated with the organic 
fraction of SS, the degradation of OM should not lead to substantial increase in metal availability 
due to complexation with Fe and Mn oxides. In addition, Oliver et al. (2005) investigated Cu 
availability in soils amended with SS for 7 years and found that OM degradation with time did 
not result in significant increases in Cu availability. Both of these studies attributed the retention 
of metals to the binding by inorganic fractions, which seemed to refute the TB hypothesis. 
Antoniadis et al. (2007) found that incubating SS amended soils for approximately 1year resulted 
in reduced organic carbon (OC) by 31%, and this OC reduction changed metal adsorption 
behavior by lowering the distribution coefficient (Kd ) of Cd and increasing it for Zn. In a 
different study, Bergkvist and Jarvis (2004) modeled organic carbon dynamics to predict 
scenarios under which the fate of Cd would behave as predicted by either the PT or TB 
hypothesis. They reported that either of the two scenarios was likely to occur depending on the 
ratio of sludge adsorption capacity to soil adsorption capacity, proportion of sludge adsorption 
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capacity contributed by inorganic fraction, and Cd sludge loading. On the other hand, complete 
removal of OC from SS reduced Cd adsorption in SS but not in SS amended soils, indicating the 
importance of both OC and Fe/Mn oxides in retaining Cd (Hettiarachchi et al., 2003). These 
studies suggest that the nature of heavy metal dynamics upon OM degradation could be 
controlled by many factors including specificity of a trace metal, SS, and soil properties. 
Most previous studies, to date, had primarily used a single-step extraction to assess metal 
bioavailability in different soil amendments. In this study, we have focused on exploring the 
distribution of trace metals in different pools of bioavailability in SS and SS-amended soils at 
different stages of OM degradation using a sequential fractionation. Metals in environmental 
matrices such as soils can be fractioned into the exchangeable, carbonate-bound, Fe/Mn oxide-
bound, organically bound, and residual fractions. The exchangeable fraction contains metals that 
are weakly adsorbed to mineral surfaces and that can be released by ion exchange processes  
(Banerjee 2003; Filgueiras et al. 2002). The carbonate fraction is a loosely bound phase that is 
susceptible to pH change (Kazi et al., 2005; Li et al., 2001). This fraction represents metals that 
would be released into the environment if conditions were to become acidic (Usero et al., 1998).  
The Fe/Mn oxide fraction contains heavy metals that are released when the matrix is subject to 
reducing conditions (Kazi et al., 2005). This fraction includes easily reducible fraction (Mn 
oxides), moderately reducible fraction (amorphous Fe oxides), and poorly reducible fraction 
(crystalline Fe oxides) (Filgueiras et al., 2002). The organic matter fraction includes metals that 
are released under oxidizing conditions. These metals are non-mobile, non-available, and are 
bound to stable high molecular weight substances (Kazi et al., 2005). Metallic pollutants 
associated with this fraction are assumed to remain in the soil for a long time, but may be 
released as soluble forms due to organic matter degradation (Filgueiras et al., 2002). The residual 
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fraction includes metals that are retained within the crystal lattices of minerals (Kazi et al., 
2005). Metals in this fraction have the strongest association with minerals and are the most 
difficult to separate from sewage sludge or other matrices (Usero et al., 1998). 
In this study, four metals commonly found in SS, but with different strength of 
complexing with SOM and existing forms were selected for this evaluation. The specific 
objectives of this study were to (i) evaluate the distribution of Cu, Zn, Pb and As in SS of 
different ages and to (ii) elucidate the impact of OM degradation in SS and in SS-amended soils 
on the distribution of Cu, Zn, Pb and As into the various chemical forms. 
8.2 Materials and Methods 
8.2.1 Sewage Sludge (SS) and Soil 
Municipal SS used for this study was obtained from the Thibodaux wastewater treatment 
plant (WWTP) in Thibodaux, Louisiana. Within the WWTP are ponds that contain SS of various 
ages. Composite samples of three sludges were taken from ponds containing SS of 6 month 
(SS1), 5 year (SS2), and 10 years old (SS3). Two Louisiana surface soils, an acidic Crowley silt 
loam and a calcareous Norwood silt loam were also collected. Collected sewage sludge and soils 
were air dried, ground to pass through 2-mm sieve, and stored at 4°C and room temperature, 
respectively, prior to use. To characterize SS, extracts of SS/deionized water at a ratio of 1:10 
[w/v] were prepared in 50 ml centrifuge tubes and shaken for 18 hrs. The suspensions were then 
centrifuged at 15,000 rpm for 10 minutes and the supernatants were filtered using 0.45-μm filter. 
The filtrates were determined for sludge pH, electrical conductivity (EC), and soluble metals 
using pH meter, EC meter, and inductively coupled plasma (ICP, Spectro), respectively (Usman 
et al., 2004; Vulkan et al., 2002). In addition, total elemental concentration in SS was determined 
by digesting samples with aqua regia (3:1 HCl and HNO3 mixture) at room temperature for 16 
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hr, followed by ICP measurement (Pueyo et al., 2003). Total organic matter content was 
determined based on loss on ignition of samples at 550°C for 1hr (Soil Survey Staff, 1996). Soil 
cation exchange capacity (CEC) was determined using repeated saturations of 1 M NH4OAc 
(Soil Survey Staff, 1996) and particle size distribution was determined using a pipette method 
(Gee and Bauder, 1986). In addition, clay mineralogy was characterized using X-ray diffraction. 
The selected physiochemical properties of SS and soils used in this study are presented in Table 
8.1 and Table 8.2, respectively. 
Table 8.1 Selected physical and chemical properties of the three sewage sludges (SS). 
 
Parameter 
 
SS1 
 
SS2 
 
SS3 
Pollutant concentration 
limits (USEPA, 
1993,part 503) 
pH 5.4 5.4 5.9  
EC (dS m
-1
) 3.7 0.18 2.7  
Organic matter (g kg
-1
) 420 380 400  
 
Total elements (mg kg
-1
) 
    
      Fe  39150 50667 40200  
      Al 12525 17777 18730  
      Mn  2800 9565 5683  
      Ca  30490 10330 20150  
      Mg   2107 1685 2508  
      K  1330 1277 1970  
      Na 365 245 293  
      P  15670 26116 22518  
      Cu  807 801 661 <1500 
      Zn  2614 2908 2718 <2800 
      Pb  107 219 177 <300 
      As  137 129 120 <41 
 
Soluble elements (mg kg
-1
) 
    
      Fe 3.1 3.7 3.6  
      Al 1.5 2.9 2.2  
      Mn 814 1.2 2.1  
      Ca 5627 289 5313  
      Mg 674 23 220  
      K  135 35 149  
      Na 203 69 119  
      P 9.0 90 24  
      Cu 1.3 3.5 0.9  
      Zn 85 11 12  
      Pb <0.02 <0.02 <0.02  
      As <0.03 <0.03 <0.03  
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Table 8.2 Selected physical and chemical properties of Norwood and Crowley soils.  
  
Crowley 
 
Norwood 
pH 5.4 7.6 
Organic matter (g kg
-1
) 20.3 16.1 
CEC (cmol kg
-1
) 10.4 10.7 
 
Particle size distribution (g kg
-1
) 
  
      Sand 110 60 
      Silt  640 700 
      Clay 250 240 
 
Clay mineralogy (%) 
  
      Kaolinite 30 17 
      Montmorillonite 45 38 
      Vermiculite 20 --- 
      Illite 5 38 
      Chlorite --- 7 
 
8.2.2 Incubation Experiment 
Incubation of SS was conducted at 25 ± 0.2 °C for 3 and 6 months to assess the effect of 
OM oxidation through incubation on the behavior of trace metals. In doing so, samples of 10 g of 
each SS were placed in 125ml Erlenmeyer flasks, watered to field capacity, and placed in an 
incubator in a completely randomized arrangement. During the incubation, the flasks containing 
SS were periodically weighed and rewetted to maintain constant moisture content, and were left 
open to maintain oxic conditions. The incubation experiment was replicated three times. After 
incubation, SS in the flasks were oven dried at 40°C, extracted with deionized H2O (1:1 solid to 
H2O ratio), and analyzed for pH and EC in sludge extracts as previously described. The rate of 
OM decomposition was calculated using the loss on ignition method.  In addition, the 
fractionation of different metals was determined using a selective sequential extraction (SSE) 
procedure described below. 
 
179 
 
8.2.3 Chemical Oxidation Experiment 
Direct chemical oxidation using diluted hydrogen peroxide (H2O2) was also carried out to 
assess the effect of OM degradation on trace metal distribution in SS. SS-amended soils were 
generated by mixing each of the three SSs thoroughly with Norwood or Crowley soils at a 1:1 
ratio (air dry weight basis). Ten grams of each SS and SS-amended soil were weighed in 250 ml 
Erlenmeyer flasks and watered to field capacity. The flasks containing SS and SS-amended soils 
were heated to 70°C on a hot plate and 0.1 ml of 30% hydrogen peroxide were added (H2O2 
diluted to approximately 5% at field capacity). The mixtures were allowed to react under 
constant stirring until frothing ceased. The flasks were then removed from the hot plate and left 
in the open air. The addition of hydrogen peroxide was repeated every other day until OM loss 
reached 30% and 70%, respectively as determined by loss on ignition. After completion of 
oxidation, SS and SS-amended soils were oven dried at 40°C, ground, and mixed before use for 
sequential extractions. Oxidation experiment was replicated twice. 
8.2.4 Sequential Extractions 
Samples of 1 g of each SS and SS-amended soil were weighed, placed in 50 ml 
centrifuge tubes and sequentially extracted based on a modified SSE scheme of Tessier et al. 
(1979). This SSE scheme fractionates trace metals sequentially into exchangeable (F1), 
carbonate bound (F2), Fe/Mn oxide bound (F3), organically bound (F4), and residual (F5) form. 
In doing so, following reagents were sequentially added for F1, F2, and F3 extractions, 
respectively and shaken for the time specified as follows: 1 M MgCl2 for 1 hr (Tessier et al., 
1979), 1 M NaOAc (pH 5.0) for 5 hr (LaForce and Fendorf,  2000; Tessier et al., 1979), 0.4 M 
NH2OH
.
HCl (pH 1.5) for 6 hr (McLaren and Clucas, 2001). For the organically bound fraction 
(F4), 30% H2O2 was used to remove OM and 3.2 M NH4OAc was used to extract heavy metals 
180 
 
(Tessier et al., 1979). The remaining fraction was digested using Aqua regia to determine the 
residual fraction (F5) (Pueyo et al., 2003). After each extraction, the suspensions were 
centrifuged at 15,000 rpm for 10 min and filtered using a 0.45-μm filter. The quantity of 
entrapped solution from a previous extraction was calculated by weighing each centrifuge tube 
before and after addition of extractant, and corrected for the calculation of metal contents in SS 
and SS-amended soils. All sequential extractions were replicated twice.  
8.2.5 Statistical Analysis 
Analysis of variance (ANOVA) statistical analysis was performed using SPSS 17 (SPSS, 
Inc., Chicago, Illinois) and comparison of means was undertaken using a Bonferroni test to 
determine any significant differences at p ≤ 0.05.  
8.3 Results and Discussion 
8.3.1 Characterization of Sewage Sludge 
Three SS materials exhibited similar pH ranging from 5.4-5.9, indicating slightly acidic 
conditions (Table 8.1). The OM content ranged from 38 to 42%, with the fresher 6-month SS1 
slightly higher than the more aged aged 5-year SS2 and 10-year SS3. The overall remaining 
mineral matter content was, therefore, 58-62%, indicating the presence of considerable inorganic 
fractions in these SS sources (Alonso et al., 2005). The EC of SS1 was also higher than the more 
aged SS2 and SS3, with the reflection of higher concentration of the most soluble cationic 
macroelements in SS1 than the SS2 and SS3 (Table 8.1).  Among the concerned trace metals, Zn 
was the only one found in large concentration in the water extract, with the highest being in SS1 
(85 mg/kg). Total elemental analysis indicated that these SS materials were dominated with Fe, 
Al, Ca, and Mn followed by Mg, K, and Na. The same trend of total metals was also reported by 
Fuentes et al. (2004). The high levels of total Fe, Al, and Ca, and Mn indicated the presence of 
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major inorganic surfaces of Fe/Al/Mn oxides and calcium carbonates (Alonso et al., 2005). In 
addition, total P ranged from 1.6% to 2.6% in these SS samples, also similar to those reported by 
others (Alonso et al., 2005). The results could suggest the presence of reactive phosphates 
(Traina and LaPerche, 1999). The fresher SS1 had higher total Ca, whereas more aged SS2 and 
SS3 contained more total Al and Mn. On the other hand, SS2 contained the highest total Fe 
among the three SS materials (Table 8.1). These results likely suggested the dominance of 
different inorganic surfaces in these SS sources. For the trace metals of the interest, Zn exhibited 
the highest total content followed by Cu, Pb and As, consistent with the occurrence of these trace 
metal abundance in SSs reported by others (Wong et al., 2001). The total concentration of Cu 
and Pb in all samples was lower than the pollutant concentration limits for land application of SS 
recommended by the USEPA (USEPA, 1993). The total concentration of Zn was close to or 
higher than pollutant limits and As was higher than pollutant limits for all samples. Overall, the 
composition and general properties of these SSs were consistent with those reported in the 
literature (Alonso et al., 2005; Fuentes et al., 2004; Hettiarchchi et al., 2006; Wong et al., 2001). 
8.3.2 Fractionation of Cu, Zn, Pb, and As in Sewage Sludge 
The distribution of Cu, Zn, Pb and As forms in the three SS materials is presented in 
Table 8.3. A major fraction of total Cu (47-75%), Pb (51-62%), and As (67-75%) in the SSs was 
associated with OM followed by either Fe/Mn oxide bound or residual fractions, depending on 
specific SS and metal, and then by much smaller fractions of carbonate-bound and exchangeable. 
More Pb was in the residual fraction than Cu and As, whereas the latter two were found more in 
the carbonate-bound fraction than Pb (Table 8.3). Previous research showed that Cu and Pb were 
primarily in the OM and residual fractions (Fuentes et al., 2004; Planquart et al., 1999; Wong et 
al., 2001). The mobility of Cu and Pb in SS was also found to be very low, unlike Zn and Ni 
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(Ščančar et al., 2000). On the other hand, most previous studies showed that As was mainly 
associated with the residual, Fe/Mn oxide or carbonate fractions (Gomez et al., 2000; Sarkar et 
al., 2007), although some did report a considerable amount to be associated with OM (Baig et al., 
2009). The dominance of As association with OM in this study could suggest the presence of 
organic As such as monomethylarsonaic acid (MMAA) and dimethylarsinic acid (DMAA) in 
these SS materials. MMAA and DMAA have been shown to be able to be retained by various 
constituents in SS (Carbonell-Barrachina et al., 1999).  
Table 8.3 Distribution of total Cu, As, Zn, and Pb in sewage sludge (SS) samples. The numbers 
in parentheses indicate percentage for each fraction as calculated based on the total of sum 
Sewage sludge 
Metal form SS1 SS2 SS3 
Cu (mg kg
-1
)    
Exchangeable 25.0 (2.3%) 10.0 (1.1%) 7.4 (0.9%) 
Carbonate bound 39.1 (3.6%) 67.6 (7.3%) 39.6 (4.7%) 
Fe/Mn oxide bound 73.0 (6.8%) 340.4 (36.8%) 135.3 (16.0%) 
Organically bound 808.0 (75.3%) 434.7 (47.0%) 564.3 (66.4%) 
Residual 128.3 (12.0%) 73.2 (8.0%) 103.3 (12.2%) 
 
Zn (mg kg
-1
)    
Exchangeable 494.4 (14.4%) 367 (9.4%) 100 (2.7%) 
Carbonate bound 615.4 (17.9%) 599.0 (15.2%) 661.5 (17.8%) 
Fe/Mn oxide bound 1949.4 (56.8%) 2475 (63.0%) 2399.5 (64.6%) 
Organically bound 262.1 (7.6%) 409 (10.4%) 468.4 (12.6%) 
Residual 109.3 (3.2%) 80.4 (2.05%) 87.9 (2.4%) 
 
Pb (mg kg
-1
)    
Exchangeable 3.9 (2.7%) 7.3 (2.8%) 3.1 (1.5%) 
Carbonate bound 1.1 (0.8%) 0.3 (0.1%) 1.1 (0.5%) 
Fe/Mn oxide bound 30.1 (21.4%) 43.4 (17.0%) 26.9 (12.7%) 
Organically bound 72.1 (51.4%) 158.6 (61.3%) 130.7 (61.6%) 
Residual 33.3 (23.7%) 48.5 (18.8%) 56.2 (23.8%) 
 
As (mg kg
-1
)    
Exchangeable 0.5 (0.3%) 1.2 (0.9%) 1.4 (1.1%) 
Carbonate bound 1.6 (1.1%) 12.6 (8.9%) 1.3 (1.0%) 
Fe/Mn oxide bound 18.5 (12.0%) 19.2 (13.5%) 15.6 (11.5%) 
Organically bound 113.1 (72.8%) 95.5 (67.0%) 101.5 (75.2%) 
Residual 
 
21.7 (13.9%) 
 
13.9 (9.8%) 
 
15.2 (11.2%) 
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The majority of Zn (57-65%) in the three SSs was associated with Fe/Mn oxides and only 
a small fraction of total Zn (7-12%) was bound with OM (Table 8.3), reflecting general weak 
complexation of Zn with OM as compared with Cu, Pb and As (McBride, 1994).  
The higher Zn fraction of Fe/Mn oxides bound was consistent with those reported by 
Dudka and Chlopecka (1990) and Pérez-Cid et al. (1999), although others also showed that Zn 
was not associated with any dominant chemical phase (Fuentes et al., 2004; Wong et al., 2001). 
Besides Fe/Mn oxide bound fractions, Zn also had relatively large fractions in carbonate bound 
(15-18%) as compared to Cu, Pb and As, suggesting strong inorganic role in retaining Zn in SS. 
However, these three SS exhibited the smallest residual fraction of Zn as compared to Cu, Pb, 
and As which was different from that reported by Pérez-Cid et al. (1999) who also showed a 
relatively large portion of Zn in the residual fraction. Nonetheless, while a small fraction of total 
Cu (≤2.3%), As (≤1.1%), and Pb (≤2.8%) was found in the exchangeable form, a considerable 
amount of Zn was found to be in the exchangeable form with 494 mg kg
-1
 (14%) in SS1, 367 mg 
kg
-1
 (9%) in SS2, and 100 mg kg
-1
 (3%) in SS3, respectively (Table 8.3). This result was 
consistent with those of others (Alonso et al., 2006; Ščančar et al., 2000a; Wong et al., 2006). 
Since metals within the exchangeable fraction could be easily solubilized and become readily 
available (Narwal and Singh, 1998), these results would indicate high probability of Zn uptake 
by plants upon application of these SS.  
8.3.3 Organic Matter Oxidation of Sewage Sludge 
The oxidation of OM in the three SS materials was first conducted through 6 month 
incubation at moisture content of field capacity. The incubation resulted in a relatively small OM 
oxidation of approximately 4% in the three SSs and had no statistically significant impact on the 
distribution of total Cu, As, Zn, and Pb among the different fractions (data not shown). The 
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major portion of Cu, As, and Pb in all three SSs remained bound with OM following incubation, 
whereas the majority of Zn remained bound with Fe/Mn oxides. The fact that the exchangeable 
fractions of these metals remained unaffected by incubation with 4% loss in OM suggested that a 
larger portion of OM degrdation could be required to cause any significant change in different 
pools of these metals.  
On the other hand, the lack of change in exchangeable Zn as well as exchangeable Cd 
fraction was also reported by Stacey et al. (2001) in a 100-day incubation of lagoon sludge. The 
same study, however, showed a significant increase in exchangeable Zn and Cd, respectively, in 
a filtered sludge. While it did not determine the total OM change as in our study, they did show a 
significant change in hot-water extractable C after 100 day incubation (Stacy et al., 2001). It was 
likely that different extent of OM oxidation for different types of sludge sources would be 
required to lead to a significant change in available pools of metals. 
The effects of direct chemical oxidation of OM on the relative distributions of Cu, Zn, 
Pb, and As in SS and SS-amended soils are presented in Figure 8.1 to Figure 8.4, respectively. 
Each metal behaved differently as a result of OM oxidation. Oxidation of OM resulted in a 
significant decrease of organically bound Cu (F4), the dominant pool, allowing its redistribution 
to other fractions (Figure 8.1).  
Among the three sewage sludge sources, SS1 exhibited the largest decrease in organically 
bound Cu (75% to 7%) following oxidation treatment at 70% as compared to SS2 (47% to 10%) 
and SS3 (66% to10%) respectively, suggesting that the fresher sludge likely releases Cu into 
other pools upon OM oxidation. The OM oxidation also significantly reduced the residual Cu 
(F5) especially at 70% OM reduction. On the other hand, OM oxidation significantly increased 
Fe/Mn oxide bound Cu (F3) as well as carbonate bound Cu (F2) in all three SS materials at 70% 
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OM oxidation. This increase appeared to be more in older SS (SS2 and SS3) as compared to the 
fresher SS (SS1) (Figure 8.1). The latter, however, had the largest increase in exchangeable Cu 
(F1) at 30% OM oxidation as compared to the former. The OM oxidation at 70% did not result in 
a further increase in exchangeable Cu but a decreased exchangeable Cu in two out of the three 
SS materials. The fact that at 70% OM oxidation, Cu was primarily associated with Fe/Mn 
oxides of SS materials followed by carbonates strongly suggested that these inorganic 
constituents could play a significant role in binding Cu as OM is degraded, even though these 
fractions had different stability implication with respect to soil condition change (Kazi et al., 
2005). Nonetheless, our result did suggest the potential release of large portion of exchangeable 
Cu at initial oxidation of OM especially if a fresher SS had been applied.  
It is interesting to note that OM oxidation in SS-amended acidic Crowley and calcareous 
Norwood soils did not change the general trend of effect on various Cu pools as observed in SS 
alone (Figure 8.1).  The major increases, following OM oxidation, were also Fe/Mn oxide-bound 
Cu followed by carbonate bound Cu in soils amended with all three SS although the magnitude 
of increase varied slightly more in the SS-amended Norwood than in the SS-amended Crowley. 
In addition, the increase in exchangeable Cu occurred primarily at 30% of OM oxidation 
following the reduction in organically bound Cu. These results could suggest that the SS 
property likely play a more dominant role in controlling the speciation of Cu than the SS-
receiving soils.  
The OM oxidation had a quite different effect on the relative distribution of Zn in SS 
(Figure 8.2). It also resulted in a reduction of organically bound Zn especially at 70% of OM 
oxidation. Unlike Cu, since a small fraction of total Zn was generally associated with OM in all 
SS samples, such a loss in organically bound Zn was relatively small with respect to total Zn. 
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However, the OM oxidation generally decreased the Fe/Mn oxide bound Zn, the dominant 
fraction, as well as carbonate bound Zn fraction. The oxidation process had little effect on 
residual Zn pool in two SSs but did also decrease this fraction in one SS. The major effect of 
these losses in different pools of Zn, as a result of OM oxidation, was the major increase in 
exchangeable Zn in all three SS sources but especially with the SS1 (from 14% to 67%) as 
compared to SS2 (9% to 35%) and SS3 (3% to 35%) at 70% of OM oxidation. The results 
clearly demonstrated that the OM oxidation likely increase the exchangeable pool of Zn. 
 These results were also validated in SS-amended Crowley and Norwood soils as the OM 
oxidation led to similar increase in the exchangeable Zn fraction (Figure 8.2). One exception was 
that there was a modest increase in exchangeable Zn, which corresponded to an increase, rather 
than decrease or unchange, in both organically bound and residual Zn at 70% OM oxidation in 
the SS2-amended Crowley soil.  The latter could be due to the combined effect of the relatively 
higher OM content in Crowley and the higher Zn content in SS2 (Tables 8.1 and 8.2).  
The OM degradation also had a different effect on relative distribution of Pb. Like Cu, Pb 
was primarily present in SS as organically bound fraction. However unlike Cu, the OM oxidation 
at 70% significantly increased the organically bound Pb fraction in SS1, the fresher SS (Figure 
8.3). 
 It had no significant effect on the organically bound Pb in more aged SS2 and SS3 
sources although the fractions also increased numerically. The OM reduction at 30% and 70% o 
slightly increased Fe/Mn oxide bound Pb in two of the three SS. On the other hand, the 
corresponding decreased fraction upon OM oxidation was residual Pb in SS.  The latter was 
consistent with the observation of reduction in residual Pb fraction upon losing OM during the 
composting of SS (Nomeda et al., 2008). There was no significant increase in both exchangeable 
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Pb and carbonate bound Pb (Figure 8.3), suggesting that Pb is likely remained as less mobile as 
compared to Zn and Cu upon OM oxidation.  The OM oxidation in SS-amended Crowley and 
Norwood soils did not change the major trend of Pb fractionation as observed with SS alone. 
It is interesting to note that Pb remained primarily in organically bound fraction even at 
70% OM oxidation, whereas Cu had a significant reduction in its organically bound fraction 
(Figure 8.1 and Figure 8.3). This phenomenon suggested that Cu and Pb, although both primarily 
bound to OM, could interact differently with organic constituents in SS.  Based on µ-XRF 
imaging and regression analysis of metals before and after OM removal, showed that Cu likely 
binds to OM that is binding to Fe oxides, whereas Pb could bind between OM and Fe oxides in 
SS (Hettiarchchi et al., 2006). In our study, we did not completely remove OM from SS but we 
speculate that this different binding arrangement between Cu and Pb could result in differential 
redistribution of the two metals as a result of OM reduction upon oxidation. The slight increase 
in organically bound Pb was also found in SS after composting for 28 days with a modest 
removal of OM at 4% (Nomeda et al., 2008). 
In the case of As, 30% OM oxidation significantly reduced organically bound fraction in 
all three SSs with a corresponding increase in Fe/Mn oxide bound fraction (Figure 8.4), 
suggesting a strong role of Fe/Mn oxides in binding As. The latter could be attributed to the 
strong sorption of As by Fe oxides (Sarkar et al., 2007). The OM oxidation at 70% did not 
further decrease organically bound As. The oxidation did decrease the residual As fraction in the 
fresher SS1, suggesting the easiness of mobilizing residual As upon OM oxidation. Overall like 
Pb, the majority of As also remained in the organically bound fraction after OM oxidation 
especially for more aged SS sources, SS2 and SS3. Arsenic has been shown to exist in the 
chemical states of both As (III) and AS (V) in SS, depending on source and municipal treatment 
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(Fujiwara et al., 2007; Nagoshi et al., 2005). The major species in SS include arsenite, arsenate, 
MMAA, and DMAA (Carbonell-Barrachina et al., 1999). Due to the fact that As exist as an 
anion, the binding between As and OM would likely be formed through cation bridging 
mechanism although direct formation of As-OM complexes has also be suggested (Wang and 
Mulligan, 2006). The dominance of organically bound As even at 70% OM oxidation (Figure 
8.4) could suggest strong presence of organic As species such as DMAA and MMAA, which 
were retained by various constituents in SS (Carbonell-Barrachina et al., 1999). There was no 
significant increase in exchangeable As and carbonate bound As upon OM oxidation. Like, Cu, 
Zn and Pb, there was little change in the relative distribution of As among the various fractions 
in these SS-amended Crowley and Norwood soils as compared to SS alone (Figure 8.4). 
Recent studies showed that the potential release of trace metals into the environment 
following OM degradation likely depended on the composition of SS (Fujiwara et al., 2007; 
Stacey et al., 2001). Hettiarchchi et al. (2006) also suggested that trace metal mobility would not 
be enhanced as a result of OM degradation due to the presence of Fe/Mn oxides in SS. We report 
here however, that besides the composition, the metal release could also very much depend on 
the property of a specific metal of concern. A large portion of total Cu was released into the 
exchangeable form after OM degradation even when the oxide and carbonate bound Cu fractions 
increased, suggesting that the role of Fe/Mn oxides in binding Cu may be limited. 
 Zn also exhibited large increases in the exchangeable fraction as a result of OM 
degradation, despite that a small fraction of Zn in these SS was associated with OM to begin 
with. On the other hand, exchangeable Pb and As fractions were minute prior to and following 
OM degradation, suggesting limited effect on bioavailability of these two metals. The Fe/Mn 
oxides played a significant role in binding As with an increasing capacity and without a 
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corresponding increase in exchangeable As following OM degradation. The latter could suggest 
that OM degradation does not increase the soluble fraction of As and therefore does not abide by 
the ―Time Bomb‖ hypothesis. Also interestingly, Pb, like As, was largely associated with the 
OM fraction in all SS samples. Yet, OM degradation did not have a significant impact on the Pb-
bound organic fraction in the more aged SS2 and SS3. The Fe/Mn oxide fraction of Pb showed 
the least change following OM degradation, suggesting that Fe/Mn oxides likely played a minor 
role in binding Pb. However we did not evaluate this effect under the condition of a complete 
removal of OM. 
It should be pointed that OM oxidation decreased fractions of Zn bound to carbonates and 
Fe/Mn oxides. It was possible that inorganic surfaces such as carbonates and oxides were 
affected by the hydrogen peroxide treatment, which might have altered the portions of Zn bound 
to these phases. Previous report suggested that hydrogen peroxide may cause the dissolution of 
carbonates, phosphates and oxide phases (Hettiarchchi et al., 2003). 
 However, the fact that Cu fractions binding to carbonates and Fe/Mn oxides as well as 
As fraction binding to Fe/Mn oxides increased in the same oxidation process (Figure 8.1 and 
Figure 8.4), suggesting that this effect could be minor, since these metals have stronger binding 
than Zn to these surfaces (McBride, 1994).  A more plausible explanation for the decreased Zn 
fraction bound to Fe/Mn oxides upon OM oxidation was likely due to the competitive effect of 
Cu. The Cu was shown to have strong binding to Fe oxide surfaces which can displace Zn 
(Violante et al., 2003), as large portion of Cu was released and become available upon OM 
oxidation. 
It was also interesting that amending SS with soil did not change the fractionation of Cu, 
Zn, Pb, or As in our study. Bergkvist et al. (2005) reported that mixing SS with soil may result in 
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long term increases or decreases in Cd solubility and sorption, depending on the affinity of Cd 
itself for the sludge or for soil. Our results could suggest that the affinity of these metals for SS 
constituents was higher than for soil. However, the latter may require further evaluation in a 
system with slow but long term oxidation of SS OM.   
8.3.4 Conclusion      
The results demonstrated that Cu, Zn , Pb, and As in SS were distributed differently 
among the various chemical forms. The majority of Cu, Pb and As were associated with the OM 
fraction, whereas the majority of Zn was bound to the Fe/Mn oxide fraction in all three SSs. 
Incubation of SS for 6 months at 25°C did not result in substantial degradation of OM content (≤ 
4%) and any significant change in the distribution of Zn and Cu into different fractions. Direct 
chemical degradation of OM using diluted H2O2 resulted in a significant decrease of organically 
bound Cu and increase in exchangeable, carbonate bound and oxide bound Cu fractions. 
Although carbonates and oxides played a role in adsorbing Cu following degradation, the 
significant increase in exchangeable fraction indicated that the potential release of metals into the 
environment is possible.  
OM degradation also significantly increased the exchangeable Zn fraction and decreased 
fractions in which Zn was bound to oxides or carbonates. The degradation of OM did not 
increase exchangeable As or Pb, where the Fe/Mn oxide fraction was likely to play a role in 
binding these metals. Overall the property of SS had the more dominant role in controlling the 
fractionation of the trace metals than that of soil. The impact of OM degradation on the relative 
distribution of Cu, Zn, Pb, and As and therefore their bioavailability vary among the elements. 
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Figure 8.1 Relative distribution of Cu in three SS and SS-amended soils as affected by chemical oxidation. F1(exchangeable), F2 
(carbonate bound), F3 (Fe/Mn oxide bound), F4 (organically bound), F5(residual). Similar letters on top of histograms for each 
fraction indicate that mean values are not significantly different at p≤0.05 according to Bonferroni‘s test. 
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Figure 8.2. Relative distribution of Zn in three SS and SS-amended soils as affected by chemical oxidation. F1(exchangeable), F2 
(carbonate bound), F3 (Fe/Mn oxide bound), F4 (organically bound), F5(residual). Similar letters on top of histograms for each 
fraction indicate that mean values are not significantly different at p≤0.05 according to Bonferroni‘s test. 
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Figure 8.3 Relative distribution of Pb in three SS and SS-amended soils as affected by chemical oxidation. F1(exchangeable), F2 
(carbonate bound), F3 (Fe/Mn oxide bound), F4 (organically bound), F5(residual). Similar letters on top of histograms for each 
fraction indicate that mean values are not significantly different at p≤0.05 according to Bonferroni‘s test.  
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Figure 8.4 Relative distribution of As in three SS and SS-amended soils as affected by chemical oxidation. F1(exchangeable), F2 
(carbonate bound), F3 (Fe/Mn oxide bound), F4 (organically bound), F5(residual). Similar letters on top of histograms for each 
fraction indicate that mean values are not significantly different at p≤0.05 according to Bonferroni‘s test.
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CHAPTER 9 
CONCLUSION 
Adsorption of zinc (Zn) to mineral surfaces controls its bioavailability and fate in the soil 
environment. The amounts of Zn adsorbed to mineral surfaces and the mechanisms of Zn 
adsorption were impacted by pH and by the presence of citrate, humic acid (HA), 
desferrioxamine-B (DFO-B), and phosphate (PO4). In the ferrihydrite mineral system, Zn 
adsorption was enhanced in the presence of citrate and PO4, whereas decreased in the presence of 
DFO-B. In the presence of HA, Zn adsorption increased below pH 6.0 and decreased above that 
pH. Results from X-Ray Absorption Fine Structure Spectroscopy (XAFS) showed that Zn 
formed both edge and corner-sharing linkages with ferrihydrite at pH 7.5 in the control, citrate, 
and PO4 sorption samples whereas formed only corner-sharing linkages in the presence of HA 
and DFO-B. The study suggests that in the control and presence ligands that enhanced Zn 
adsorption (citrate and PO4), Zn forms strong linkages with high affinity edge sites of 
ferrihydrite. In the presence of ligands that reduced Zn adsorption at pH 7.5 (HA and DFO-B), 
Zn forms weaker, low affinity linkages with ferrihydrite. From an environmental perspective, Zn 
is more likely to be desorbed from the ferrihydrite surface in the presence HA and DFO-B.   
In the kaolinite mineral system, Zn adsorption was enhanced in the presence of HA, 
whereas decreased in the presence of citrate and DFO-B. In the presence of PO4, Zn removal 
from solution was enhanced due to the formation of Zn-PO4 precipitate. XAFS spectral analysis 
showed that at pH 5.5, Zn formed inner sphere edge-sharing linkages with the aluminol surface 
groups of kaolinite in the control and in presence of citrate, HA, and DFO-B. With increase in 
pH to 7.5, the same sorption geometry was exhibited for the HA and DFO-B samples, whereas it 
changed for the control and citrate samples. In the control, Zn was incorporated into a Zn-Al 
LDH precipitate, whereas formed outer sphere complexes in the presence of citrate. This study 
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suggests that at low pH, Zn may form inner sphere complexes with kaolinite that are not 
impacted by the presence of ligands. Additionally, the formation of Zn-Al layered double 
hydroxide (LDH) at high pH is likely to be suppressed in the presence of ligands.      
Results from the mixed ferrihydrite-gibbsite mineral system showed that Zn adsorption 
was enhanced in the presence of citrate, HA, and PO4, whereas decreased in the presence of 
DFO-B. EXAFS spectral analysis indicated that Zn formed corner-sharing linkages with 
ferrihydirte at pH 7.5 in the control and in the presence of all ligands under investigation. In the 
mixed system, edge-sharing with gibbsite was evident only in the citrate sample. Corner sharing 
linkages in the single system were evident in the control and DFO-B sorption samples. The 
results of this study suggest that in the mixed mineral system, Zn forms low affinity corner-
sharing linkages with ferrihydrite, unlike in the single mineral ferrihydirte system.  
The final section of this study investigated the fate of heavy metals in sewage sludge 
following the oxidation of organic matter (OM). Long-term use of sewage sludge for land 
application has caused concern over the potential release of trace metals into the environment 
following the degradation of OM. Selective sequential exraction showed that the majority of Cu, 
As, and Pb were bound to OM, whereas the majority of Zn was bound with the Fe/Mn oxides. 
Degradation of OM resulted in small decrease in organically bound Zn, but resulted in 
significant increase in the exchangeable fractions in sewage sludge. In addition, oxide and 
carbonate bound Zn fractions decreased following degradation of OM. Exchangeable fractions of 
As and Pb were minute prior to and following degradation indicating that the release of these 
elements into the environment is unlikely following the loss of OM. The distribution of Cu, As, 
Zn, and Pb in sewage sludge-amended soils was similar to that of sewage sludge, indicating that 
the properties of  sewage sludge played a dominant role in controlling metal distribution 
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following organic matter degradation. Degradation likely increased the mobility and 
bioavailability of Zn and Cu, whereas it had less impact on Pb and As. 
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